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Abstract
SO42- [sulfate] has been found in elevated concentrations on the surface of Mars
and linked to oxidation of volcanic sulfur. However, the oxidation mechanisms are
unclear due to the lack of molecular O2 [oxygen] in the Martian atmosphere. To
address this uncertainty, I investigated the mechanisms of H2S [hydrogen sulfide]
oxidation to SO42- in O2-depleted acidic hydrothermal systems of Iceland and the
United States (Valles Caldera, Lassen, and Yellowstone) as geochemical analogs.
Water and sediment samples were collected for chemical and δ18O [oxygen
isotopes] analyses. The measured DO [dissolved oxygen] concentrations were low
(0.01 to 1.03 mg/L [milligrams per liter]) and could not account for high
concentrations of SO42- (100 to 24,461 mg/L). However, high concentrations of
leachable Fe [iron] were present in the hydrothermal water and sediment (average
of 158 mg/L and 71,302 mg/kg [milligrams per kilogram], respectively), implying
that Fe-driven oxidation of H2S via Fe3+ [ferric Fe] reduction to Fe2+ [ferrous Fe] is
likely involved in SO42- formation. Oxygen isotope results show large variation in
the δ18O of SO42- (-8.8 to +5.5 ‰ [per mil]) similar to δ18O of water (-15.5 to +6.3
‰) in the field samples which might be a result of evaporation and oxygen isotope
exchange between SO42-, SO32- [sulfite] and water altering the δ18O of SO42-.
Therefore, laboratory experiments were conducted to measure the effect of
isotopic exchange on the δ18O of SO42- in Mars analog sites. Results suggest that
although this oxygen isotope exchange may occur under hydrothermal conditions,
it cannot be distinguished from previously established fractionations for both O2and Fe-driven oxidation of sulfide. Additionally, experiments were conducted to
better understand oxidation mechanism of H2S gas by Fe and O2. Results show
that O2 appears to be a slow oxidant, resulting in small amounts of SO42-. During
Fe-driven oxidation even less SO42- was formed because of rapid precipitation of
insoluble sulfur intermediates. Overall, SO42- formation in surface hydrothermal
environments is complex, requiring constant supply of oxidants (e.g., Fe, O2) and
changes of hydrological conditions. Nevertheless, this process provides an
invaluable alternative explanation for the formation of sulfates in O2-depleted
Martian environments.
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INTRODUCTION
Accumulations of sulfate (SO42-) minerals have been identified on the Martian
surface in a variety of geologic settings such as layered evaporites consisting of
Mg and Ca bearing sulfate minerals, veins composed of mainly Ca sulfate
minerals, Mg and Fe bearing sulfate mineral cements in sandstones, and as
components of soils (e.g., Gendrin et al., 2005; Langevin et al., 2005; Horgan et
al., 2009; Andrews-Hanna et al., 2010; Squyres et al., 2012; Vaniman et al., 2014;
Ruff and Farmer, 2016). Most of these sulfates were deposited during the
Noachian and Hesperian periods (3.7 to 3.2 Ga) when wet conditions were
prevalent (Elhmann and Edwards, 2014). The primary source of reduced sulfur (S)
on Mars was likely volcanic (e.g. H2S, SO2), but the process by which SO42- was
formed is unclear. As such, it is crucial to better characterize the oxidation
mechanism(s) by which SO42- could have been formed on Mars.
On Earth, oxygen (O2) makes up ~20 % of the atmosphere and serves as an
electron acceptor for surface oxidation reactions (Berner and Berner, 2012).
However, metals are also known to facilitate oxidation of sulfide minerals and act
as electron acceptors, particularly in acid mine drainage systems (Taylor et al.,
1984 a, b; Tichomirowa and Junghans, 2009). Under acidic conditions, metals are
soluble in water and thus are available for redox reactions in aqueous
environments. Given the abundance of metals (e.g., iron, manganese) and
evidence for acidic hydrothermal conditions on the Martian surface (Poulet et al.,
2007; Squyres et al., 2007, 2008), it is possible that metals may have participated
in the oxidation of reduced S. However, this process has not been considered for
Mars. Therefore, four Martian analogs from Iceland and the United States (Lassen,
Valles Caldera, and Yellowstone) were selected to explore the mechanisms by
which hydrogen sulfide (H2S) oxidizes to SO42- under acidic, O2-depleted
hydrothermal systems.
Oxygen isotopes have been used to study the oxidation mechanisms of sulfide
minerals to sulfate in low temperature surface environments (e.g., Moses et al.,
1987; Descotes et al., 2004; Balci et al., 2007; Pisapia et al., 2007; Brunner et al.,
2008; Hubbard et al., 2009; Tichomirowa and Junghans, 2009). Generally, larger
oxygen isotope fractionations have been observed between O2 and SO42- (~9.8
‰) compared to smaller fractionations between water and SO42- during Fe-driven
oxidation (~0-4 ‰; e.g., Balci et al., 2007). No studies, however, have applied this
tracer to study the oxidation mechanisms of H2S to SO42- in elevated temperatures
of hydrothermal systems (50 to 95°C). Consequently, it is not known whether
similar oxygen isotope fractionations occur during oxidation of hydrothermal H2S
to SO42-. In order to address this knowledge gap, the δ18O of dissolved SO42- was
analyzed in the acidic hot springs and mud pots in all Martian analog sites (Chapter
One). Additionally, chemical analyses of metal and dissolved O2 concentrations
1

were used to characterize availability of main oxidants in the studied hydrothermal
sites. Collectively, results are applied to understand how SO42- may have formed
in acidic hydrothermal sites on Mars.
During sulfide oxidation, sulfur forms a variety of intermediate species (e.g.,
sulfoxyanions such as thiosulfate and sulfur dioxide). In aqueous solutions, these
species have been shown to readily exchange oxygen isotopes with water, during
which the sulfur intermediates and SO42- become enriched in 18O relative to water
(e.g., Lloyd, 1968; Betts and Voss, 1970; Horner and Connick, 2003; Kohl and
Bao, 2011; Wankel et al., 2014). Sulfite (SO32-), the last sulfur intermediate before
oxidation to SO42-, rapidly exchanges oxygen isotopes with water (e.g., seconds to
days; Betts and Voss, 1970; Tsunogai, 1971; Moses et al., 1987; Zhang and
Millero, 1991; Horner and Connick, 2003; Kohl and Bao, 2011). For both SO42- and
SO32-, oxygen isotope exchange has previously been investigated in lower
(surface) temperatures but not under the acidic and elevated temperature
conditions present in the studied field sites. To address how equilibrium isotope
effects between major sulfoxyanions/SO42- and water may affect the δ18O of
dissolved SO42- in the studied hydrothermal sites, a series of experiments were
designed (Chapter Two) to determine the magnitude of oxygen isotope exchange
between SO42-/SO32- and water under acidic hydrothermal conditions. Results are
compared to previous studies and an assessment is made regarding the effect of
oxygen isotope exchange on δ18O of SO42- in the hydrothermal sites from Iceland
and United States.
Chapters One and Two highlight the challenges of using oxygen isotopes as
tracers for determining mechanisms of H2S to SO42- in hydrothermal systems.
Although there are many experimental studies on H2S oxidation to SO42- (e.g.,
Avrahami and Golding, 1968; Chen and Morris, 1972; O’Brien and Birkner, 1977;
Millero et al., 1987; Millero and Hershey 1989; Nielsen et al., 2003; Yang et al.,
2005), these studies utilized sodium sulfide (Na2S) as the initial source of reduced
sulfur in the water in low temperatures. Such studies may not be relevant to
understanding of oxidation kinetics for gaseous sulfide, particularly in higher
temperatures. Therefore, additional experiments were designed (Chapter Three)
to evaluate the reactions of H2S oxidation in the presence of O2, Fe3+, and a
mixture of Fe2+ and O2 at varied temperatures (room, 50°C, and 90°C) and at low
pH 2.
Collectively, results presented in these three chapters are used to propose a
conceptual model of H2S oxidation to SO42- in hydrothermal settings on Earth and
a possible formation mechanism for sulfate formation on Mars.
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CHAPTER ONE : MECHANISMS OF SULFATE FORMATION IN
ACIDIC HYDROTHERMAL SITES OF ICELAND, LASSEN,
VALLES CALDERA, AND YELLOWSTONE: IMPLICATIONS FOR
POSSIBLE OXIDATION PATHWAYS IN MARTIAN VOLCANIC
SETTINGS
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Abstract
SO42- [sulfate] has been found in high concentrations on the surface of Mars
and linked to oxidation of volcanically-derived sulfur in the past. However, the
oxidation mechanisms are unclear due to the lack of molecular O2 [oxygen] in the
Martian atmosphere. To address this uncertainty, we investigated the mechanisms
of H2S [hydrogen sulfide] oxidation to SO42- in O2-depleted acidic hydrothermal
systems of Iceland and the United States (Valles Caldera, Lassen, and
Yellowstone) as geochemical analogs. Approximately 50 water and sediment
samples were collected for chemical and δ18O [oxygen isotopic analyses]. At the
time of sampling, the measured DO [dissolved oxygen] concentrations were low
(0.01 to 1.03 mg/L [milligrams per liter]) because of elevated temperatures (60 to
90°C [degrees Celsius]) and could not account for high concentrations of SO42- (up
to 24,461 mg/L) in the studied acidic hot springs and mud pots. However, high
concentrations of leachable Fe [iron] were present in the hydrothermal water and
sediment (average of 158 mg/L and 71,302 mg/kg [milligrams per kilogram],
respectively), implying that Fe-driven oxidation of H2S via Fe3+ [ferric Fe] reduction
to Fe2+ [ferrous Fe] is likely involved in SO42- formation. The oxidation processes
appear to be accompanied by large variation of the δ18O of SO42- (-8.8 to +5.5 ‰
[per mil]) similar to δ18O of water (-15.5 to +6.3 ‰) which is greatly controlled by
sediment-water oxygen isotope exchange and evaporation. We use these
geochemical results to create a conceptual model of the metal-driven oxidation by
which volcanically-derived H2S could have been oxidized to SO42- in O2-depleted
hydrothermal environments on Mars. In this model, alternations between the wet
and dry cycle and exposure to atmospheric oxidants (O2 on Earth, UV radiation on
Mars) are important for enhancing Fe-driven oxidation of H2S in hydrothermal
settings.
7

Introduction
High accumulations of sulfate (SO42-) minerals have been identified on the Martian
surface in a variety of geologic settings (Langevin et al., 2005; McLennan et al.,
2005; Vaniman et al., 2014) including hydrothermal spring deposits (e.g., Ruff and
Farmer, 2016). Most of these sulfates were formed during the Noachian and
Hesperian periods (3.7 to 3.2 Ga) when wet conditions were prevalent (Ehlmann
and Edwards, 2014). Additionally, sulfide minerals and excess of amorphous sulfur
(S) were measured in situ by rovers (Franz et al., 2017). Generally, SO42abundances are such that weathering of basalt and atmospheric deposition alone
are not sufficient to accumulate the observed volumes of S (e.g., King and
McSween, 2005). The primary source of reduced S on Mars was likely volcanicallyderived (e.g., H2S, SO2), but the process by which it was oxidized to SO42- is
unclear. Because Mars likely never had an oxygen-rich atmosphere (Kral et al.,
2011), the oxidation processes of volcanic S have been linked to hydrogen
peroxide (e.g. Dehouck et al., 2016) and photochemical reactions (e.g. King and
McLennan, 2010). These models were mainly derived from experimental studies
(e.g., Dimitrijević et al., 1999; Lefticariu et al., 2006) and there is no direct evidence
to support these oxidation pathways in modern or ancient terrestrial environments.
On Earth, oxygen (O2) makes up ~20 % of the atmosphere and serves as an
electron acceptor for surface oxidation reactions (Berner and Berner, 2012).
However, metals are also known to facilitate oxidation of sulfide minerals and act
as electron acceptors, particularly in acidic systems (Taylor et al., 1984 a, b;
Tichomirowa and Junghans, 2009). For example, ferric iron (Fe3+) can oxidize
pyrite (FeS2) to SO42- by its reduction to ferrous iron (Fe2+; Taylor et al., 1984 a, b).
Under acidic conditions, metals are soluble in water thus are available for redox
reactions in aqueous environments. Given the abundance of metals (e.g., iron,
manganese) and evidence for acidic hydrothermal conditions on the Martian
surface (Poulet et al., 2007; Squyres et al., 2007, 2008), it is possible that metals
may have participated in the oxidation of reduced S from volcanic emissions in the
past. However, this process has not generally been considered for Mars.
Field and experimental studies show that oxygen isotopes (δ18O) can be used to
trace the mechanism of FeS2 oxidation to SO42- because of a large difference in
δ18O between atmospheric O2 and water oxygen (e.g., Kroopnick and Craig, 1972;
Krouse and Grinenko, 1992). Further, distinctive O isotope fractionations occur
between SO42- and the oxygen source (O2, water) during sulfide oxidation (e.g.,
Tichomirowa and Junghans, 2009). The main goal of this study was, therefore, to
use the δ18O of SO42- forming in acidic hydrothermal systems to determine the
oxidation pathways of H2S from volcanic emission. My major hypothesis was that
similar oxygen isotope fractionations would occur during oxidation of H2S to SO42as previously observed for FeS2 oxidation. Four different geographic locations
were sampled: Iceland, Lassen, Valles Caldera, and Yellowstone (Figure 1.1).
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Additionally, chemical analyses of metal and dissolved O2 concentrations were
used to characterize availability of main oxidants in the studied hydrothermal sites.
Collectively, the results of this study are applied to understand how SO42- may
have formed in acidic hydrothermal sites on Mars.

Geologic Setting
The following paragraphs present a detailed summary of previous geological and
environmental research in four Mars analog field sites selected for this study. This
is done with intention to give a comprehensive framework for the interpretation of
presented results but also to help guiding future investigations in these and similar
field sites.
Iceland
Iceland is a volcanic island with an area of 103,000 km2 and composed entirely of
subaerial volcanoclastic sediments and rocks along both the Mid-Atlantic Ridge
and the Green-Iceland-Faeroe Ridge (Thordarson and Larsen, 2007). The eastern
portion of Iceland lies on the European plate, while the western portion on the
North American Plate. Rifting in the region has led to more than two dozen volcanic
and tectonic systems which dominate the activity on the island (Gudmundsson,
1995 a, b). Fissure swarms are a result of normal faulting and tension fractures
result in 5 to 20 km wide and 40 to 100 km long volcanic edifices, with many having
a central volcano (Gudmundsson, 1995 a, b). Extinct Tertiary and Pleistocene
volcanic systems are dominated by local sheet swarms and regional dyke swarms
(Gudmundsson, 1995 a, b).
A deep-seated mantle plume lies almost directly beneath the Middle Atlantic Ridge
(Thordarson and Larsen, 2007). The position and relationship of the rift and the
mantle plume creates for a diverse set of volcanic activity, with over 30 active
volcanic systems (Thordarson and Larsen, 2007). The mantle plume has been
active for the last 65 Ma forming the North Atlantic Igneous Province (NAIP), of
which Iceland is the only active section (Saunders et al., 1997). The interaction
between the rift and the mantle plume is mainly responsible for the Icelandic basalt
plateau (e.g., Vink, 1984; White et al., 1995; Bjarnason et al., 1996; Wolfe et al.,
1997; Allen et al., 1999). While the oldest exposed rocks are between 14 and 16
Ma (Moorbath et al., 1968; McDougall et al., 1984; Watkins and Walker, 1977), the
island is thought to have formed ~24 Ma (e.g. Sæmundsson, 1978, 1979;
Jóhannesson, 1980; Óskarsson et al., 1984).
While Iceland may have once possessed siliceous material, petrologically the
island is composed of oceanic rock province material (Barth, 1950). Two main rock
types dominate in Iceland: volcanic rocks comprised mainly of basaltic lava flows,
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and ash and pyroclastic fragments which make up roughly 85 % of the rocks and
palagonite. The latter consists of interglacial sediments, tuffs and breccias
associated with moraine deposits, tillites and subglacial effusion products which
make up the remaining 15 % of rocks (Barth, 1950).
Two of the four study areas in this project occur within the Krafla fissure swarm
and represent the most recent episode of rifting in northern Iceland, forming a
fissure that is 80 km long and 4 to 10 km wide (Gudmundsson, 1995 a, b; Opheim
and Gudmundsson, 1989). In addition to the fissure system, a large caldera,
formed ~100 ka is present in the area. The Krafla caldera is 5 to 8 km wide and
roughly 100 km long (Sæmundsson, 1974, 1978, 1983). Seismic and geodetic
measurements indicate that there is a shallow crustal magma chamber underneath
the Krafla caldera. The Námafjall geothermal area is located 10 km south of the
Krafla caldera next to the main fissure swarm (Sæmundsson, 1991). The geology
of the region is dominated by basaltic lava flows, although icelandities and dacite
flows have also erupted (Stefansson, 1981). Hyaloclastite ridges formed
subglacially and are located sub-parallel to the active fissure swarms.
(Gudmudsson and Arnórsson, 2002). Explosive craters have covered the surface
of the caldera in pyroclastic materials (Stefánsson, 1981, Ármannsson et al, 1987).
The third studied area, the Krýsuvík geothermal area, is located on the Reykjanes
Peninsula in Southern Iceland, and is a result of rifting along the Reykjanes
Volcanic Zone and the West Volcanic Zone (Thordarsen and Larsen, 2007).
Volcanism is young, represented by 16 volcanoes that have erupted within the last
1,100 years, belonging to five active volcanic systems on the Reykjanes peninsula
(Thordarsen and Larsen, 2007; Markússon and Stefánsson, 2011). Basaltic lava
flows range in composition from picritic to tholeiitic with hyaloclastic ridges forming
from subglacial volcanism (Markússon and Stefánsson, 2011).
The fourth studied area, the Hveragerði geothermal area in southern Iceland, is a
part of the Hengill volcanic system. Hengill is the central volcano along the Hengill
ridge-ridge-transform triple junction (Foulger, 1988). Volcanism in this region is
characterized by low volume fissure style eruptions (Sæmundsson, 1992). The
geology of this region is characterized by pillow lava-hyaloclastite ridges, overlain
by scoria and lava that was erupted during the last glaciation (Sæmundsson, 1967;
Árnason et al., 1986).
Volatiles such as water, sulfur, chlorine, and carbon dioxide begin to collect in the
magma body as magma pools under the Icelandic crust (Barth, 1950). Acidforming gases can form given the elevated concentrations of sulfur, fluorine, and
chlorine (Barth, 1950). As these gases make their way toward the surface, they
interact with crustal rocks, causing changes in chemical composition of
groundwater. These changes, along with depressurization of the fluid allow for
mineral precipitation or dissolution (Arnórsson, 1985; Drummond and Ohmoto,
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1985; Brown, 1986; Krupp and Seward, 1987; Hedenquist, 1991; Seward and
Barnes, 1997; Hardardottir et al., 2009). Consequently, the surface and shallow
subsurface can be highly altered, with common secondary minerals including
calcite, pyrite and other metal sulfides, chalcedony, zeolite, smectite, K-feldspar
and albite, epidote, quartz, chlorite, prehnite, and actinolite (e.g., Kristmannsdottir,
1976, 1979; Schiffman and Fridleifsson, 1991; Lonker et al., 1993; Larsson et al.,
2002). Under acidic hydrothermal conditions, argillic alteration may also be present
leading to precipitation of secondary phases such as anatase, amorphous silica,
elemental sulfur, pyrite, hematite, goethite, and various clay minerals.
Lassen Volcanic National Park
Lassen Volcanic National Park is located in the southernmost region of the
Cascades Mountain range along the western coast of the United States. This
region is volcanically active as a result of the oblique subduction of the Gorda plate
and the southern portion of the Juan de Fuca plate underneath the North American
plate (Janik and McLaren, 2010). Over the past 3.5 Ma, volcanism has been calcalkaline in composition, producing large volumes of intermediate to silicic
eruptions. The first eruption in the Lassen Volcanic Center (LVC) occurred ~825
ka and formed the Rockland caldera which is dacitic in composition. After the
Rockland caldera, the Brokeoff Volcano formed 590 ka with andesitic composition
(Janik and McLaren, 2010). Glacial and fluvial erosion has carved the region into
its present form. The Lassen domefields are the last episode of volcanic activity to
occur in the region and are dominated by andesitic to silicic volcanism (Janik and
McLaren, 2010). The basement geology is composed mainly of Mesozoic granitic
and metamorphic rocks which are overlain by a thin sequence of Cretaceous
marine sedimentary rocks and Pliocene andesitic debris flows with intermittent lava
flows, ash-flow tuffs, and alluvial material (Muffler et al., 1982).
Sulfur-rich gases in Lassen are sourced from the upper mantle (Rollinson, 1993;
Janik and McLaren). Generally, hydrothermal systems located in the western
thermal area are enriched in 34S isotope compared to the eastern thermal area,
suggesting that the hydrothermal system is not continuous from west to east (Janik
and McLaren, 2010). Major upwelling of geothermal waters occurs near the
Bumpass Hell region, where heated water come into contact with the andesitic and
dacitic composition domefields (Muffler et al., 1982).
In Lassen, two near surface processes lead to removal of H2S from hydrothermal
gases. H2S precipitates as pyrite or undergoes oxidation to elemental sulfur and/or
SO42- by reaction with atmospheric O2 (Muffler et al., 1982). Nevertheless, analysis
of fumaroles in the Bumpass Hell and Little Hot Springs Valley region reveal that
O2 is absent in hydrothermal gases mainly composed of 92.7 mol % CO2, 6.6 mol
% H2S, 0.6 mol % N2, with less than 0.1 mol% H2, NH3, Ar, and CH4 (Muffler et al.,
1982). As in Iceland, the interaction of these superheated and acidic waters leads
to alteration of the bedrock and formation of opal, kaolinite, alunite, and other
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yellow sulfate minerals (Muffler et al., 1982). Additionally, pyrite has been observed
in the walls of many hot springs and mud pots. Iron oxides form bright red deposits
and are commonly associated with silica, although silica sinters are not a common
feature (Muffler et al., 1982).
Valles Caldera National Preserve
Valles Caldera National Preserve is located in north central New Mexico and
represents the last phase of volcanism in the Jemez Mountain volcanic field (Smith
et al., 1970). Large scale explosive volcanism is a result of rifting along the Jemez
lineament and the Rio Grande rift, which is roughly 140 km long (Aldrich, 1986).
Rifting along the Jemez lineament began 15 Ma (Aldrich, 1986). Valles Caldera is
22 km in diameter and formed between 1.25 Ma and 40 ka, replacing the initial
Toledo caldera (Doell et al., 1968; Phillips et al., 2007; Self et al., 1986). The
caldera has several resurgent domes which were active between 1.23 and 0.5 Ma
(Doell et al., 1968; Gardner et al., 1986; Phillips et al., 2007; Smith and Bailey,
1968). Valles has erupted variable compositions from basalt to high silicic rhyolites
(Goff and Grigsby, 1982). Bedrock within the caldera consists of lava flows, tuffs
and hydrothermally altered bedrock. The Jemez Mountain volcanic field overlays
the rock formations of the Colorado Plateau which are composed of Paleozoic and
Mesozoic marine carbonate, sandstone, shale, and evaporite (Goff and Grigsby,
1982). Beneath the Paleozoic and Mesozoic rocks lay Precambrian granite, gneiss
and schist (Goff and Grigsby, 1982). As a result of tectonic activity in the region,
the basement rocks are down-faulted eastward into the Rio Grande rift, with
unconsolidated to loosely consolidated Tertiary sediment that are interfingered
with Oligocene to Miocene volcanic sediments (Goff and Grigsby, 1982).
The most abundant volatile in the Sulphur Springs geothermal area is CO2, some
of which is likely derived from Pennsylvanian limestone, with less than 1 % of H2S,
H2, and CH4 (Charles et al., 1986). Within Sulphur Springs, hydrothermal alteration
of the bedrock is abundant, particularly along main faults (Charles et al., 1986). A
wide range of alteration minerals are present, ranging from sulfates formed from
argillitic type alteration to volcaniclastic devitrification (Charles et al., 1986). Acid
leaching produces illite and montmorillonite, while intense alterations near
fumaroles produce a variety of sulfate minerals such as alunogen, rozenite,
halotrichite, and szomolnokite.
Yellowstone National Park
Yellowstone National Park is a volcanically active region located on the state
border of Wyoming and Montana. Volcanic activity in this region is controlled by
mantle plume volcanism, with the magma chamber located ~8 km below the
surface (Smith et al., 2009; Fournier, 2005). Over the last 2.1 Ma, the Yellowstone
Plateau volcanic field has experienced three caldera forming eruptive cycles
(Christiansen, 1982, 1984, 2001). The first caldera forming eruption created the
Big Bend Ridge caldera in 2.07 Ma, the second created the Henrys Fork caldera
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in 1.30 Ma and the final eruption formed the Yellowstone caldera in 0.63 Ma (e.g.,
Christiansen, 1982; Matthews et al., 2015; Rivera et al., 2016). The last episode
of volcanic activity occurred 70,000 years ago, forming two resurgent domes and
intracaldera eruptions of rhyolites and ash-flow tuffs (Pitt and Hutchinson, 1982).
Hydrothermal activity results from meteoric water interacting with the heat from the
cooling magma chamber (Fournier, 1989). Ash-flow tuff and rhyolitic volcanic
deposits dominate the bedrock and host the bulk of the hydrothermal fluids
(Fournier, 1989; Fournier, 2005; Morgan and Shanks, 2005). Precambrian
basement in the Yellowstone region is composed of gneiss and schist, some of
which is exposed in the northern parts of the park (Kharaka et al., 2002).
Sedimentary lithologies consist of Cambrian through Cretaceous marine
sandstones, shales and limestones (Downey, 1984; Plummer et al., 1990).
In Yellowstone, volcanic gases are composed of CO2, N2, O2, CH4, H2, Ar and H2S
(Gunter and Musgrave, 1965). While concentrations vary depending on the
hydrothermal system, N2 and CO2 are always the most dominant (Gunter and
Musgrave, 1965). Sulfur gas is magmatically sourced and mainly consists of H2S
(<100 µmol), with relatively little SO2 (Werner et al., 2008; Zinder and Brock, 1977;
Xu et al., 1998). In the Mammoth Hot Springs region, which is dominated by
travertine deposits, CO2 is a dominant gas because of hydrothermal waters
interacting with carbonate rich sediments (Bargar, 1978). Due to extensive
hydrothermal activity, alteration of the bedrock is abundant across Yellowstone
caldera. Low pH, acidic alterations lead to formation of alunite, pyrophyllite, and
dickite (Larson et al., 2009). Quartz, adularia, illite and a variety of carbonate
minerals are found in areas with neutral to slightly alkaline hydrothermal fluids
(Larson et al., 2009).

Environmental and Hydrothermal Conditions
Iceland
The climate of Iceland is temperate with average mean temperatures ranging from
2.0 to 5.7 °C (Einarsson, 1977). July and August are the warmest months and
January and February are the coldest (Einarsson, 1977). Because Iceland is
located at the intersection of the cold East Greenland current and the North Atlantic
Drift, it receives large amounts of precipitation (Barth, 1950; Einarsson, 1977) with
annual rainfall ranging from ~6 to 17 cm (Thoroddsen, 1899). In northern Iceland,
more than half of the precipitation falls as snow during the winter, while in southern
Iceland only ~5-10 %. Glaciers cover ~11.5 % of the total area of Iceland
(Einarsson, 1977), occurring in the central part of the island. The ability for water
to percolate into the ground and be stored as groundwater, or to be heated and
issued as hot springs, is directly related to the rock type. Both palagonites and
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volcanic rocks have a propensity to be very porous, allowing for water to percolate
easily into the subsurface.
Kaasalainen and Stefansson (2011) broadly characterized the hydrothermal
systems of Iceland into three geochemical categories: NaCl waters, steam-heat
acid-sulfate waters, and mixed waters. The NaCl waters are characterized by
neutral to alkaline pH and elevated Cl- concentrations. These waters form when
deep fluids undergo decompression boiling and ascent to the surface. Steamheated acid-sulfate waters are characterized by low pH (<4) and elevated SO42and metal concentrations. These waters are derived from a mixture of aquifer and
hydrothermal fluids which undergo decompression boiling as they reach the
surface (Kaasalainen and Stefansson, 2011). Subsequently, these fluids get
enriched in H2S and CO2 vapor. Oxidation of H2S vapor leads to formation of
sulfuric acid. Mixed waters have mildly acidic to neutral pH and are formed by the
mixing of NaCl and acid-sulfate waters or by the oxidation of non-thermal surface
waters (Kaasalainen and Stefansson, 2011).
Leirhnjúkur, the main hydrothermal area at Krafla in northern Iceland, is located at
the center of the caldera, however the geothermal area extends over 7 km2
(Gudmundsson and Arnórsson, 2002). A large hot pool is a main hydrothermal
feature at Leirhnjúkur, with ephemeral streams forming a drainage network around
the pool. Additionally, there are many active fumaroles present in the area. The
nearby Námafjall hydrothermal area is dominated by mud pots and fumaroles
spread out over 3 to 4 km2 of the geothermal area (Sæmundsson, 1991).
Ephemeral streams cause widespread mixing of isolated mud pots during wetting
events (e.g. rain, snowmelt).
Geophysical surveys indicate that the geothermal area at Krýsuvík in southern
Iceland is 40 to 60 km2 with much of the activity confined to two major hyaloclasite
ridges with a fault running in between the two (Markússon and Stefánsson, 2011).
This region has both mud pots and hot springs. Very large mud pots are present
at the base of Krýsuvík, while large fumaroles are found at the top of the volcanic
edifice. The Hveragerði geothermal area is composed of a combination of isolated
and interconnected mud pots and hot springs.
Lassen Volcanic National Park
As the climate in this region is semi-arid, surface and ground waters are recharged
by high elevation snowmelt. Air temperatures range from -10°C to 25°C in the fall
and winter months and from -5°C to 29°C in the spring and summer months
(National Park Service, 2019). Average annual precipitation is ~100 cm/yr
(National Park Service, 2019). Evidence for deep groundwater source for some of
the hydrothermal waters in Lassen is based on observations about the longevity
of these hydrothermal features, indicating established fixed fluid flow paths
(Truesdall et al., 1983). However, changes in surficial expression of these
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hydrothermal features indicates near surface plumbing is affected by seasonal
snowmelt and precipitation (Truesdall et al., 1983; Janik and McLaren, 2010).
Present day hydrothermal activity in Lassen is thought to have originated with the
onset of the Lassen domefield ~315 ka (Janik and McLaren, 2010). There are six
hydrothermal locations within the Rockland caldera, the Sulphur Works, Pilot
Pinnacle, Soda Lake, Little Hot Springs Valley, Bumpass Hell steam discharge,
and Cold Boiling Lake. Outside of the Rockland caldera are the Devils Kitchen,
Drakesbad, Boiling Springs Lake, and Terminal Geyser thermal areas (Muffler et
al., 1982). Of these hydrothermal areas, mainly Sulphur Works, Bumpass Hell,
Devils Kitchen, Pilot Pinnacle, Boiling Springs Lake, and Terminal Geyser are
dominated by acid-sulfate hot springs (Muffler et al., 1982). There is also calcium
carbonate (CaCO3) hot springs with abundant travertine deposits found in springs
near Sulphur Works and in Little Hot Springs Valley (Muffler et al., 1982). Hot
springs located in Mill Creek Canyon, Morgan Hot Springs and Growler Hot
Springs, have circum-neutral pH and high Cl- concentrations (Muffler et al., 1982).
Sulphur Works, the hydrothermal region investigated in this study, is mainly
composed of hot springs with one large and spatially isolated mud pot. Hot springs
usually form individual surface features; however, ephemeral streams cause their
significant mixing during wet events (e.g., rain, snowmelt).
Valles Caldera National Preserve
Similar to Lassen, Valles Caldera is a high-altitude volcano located in a semi-arid
climate. The average temperature in the fall and winter months ranges from -5°C
to 10°C and in the spring and summer months ranges from 0°C to 15°C (National
Park Service, 2019). The average annual precipitation is 60.5 cm/yr (National Park
Service, 2019). Surface and ground waters are recharged by spring snowmelt from
higher elevations and rainfall during the summer monsoons.
Much of the hydrothermal activity in Valles is located within the caldera and is
concentrated in the west side of resurgent dome. Three thermal water types have
been identified within Valles Caldera: acid-sulfate, thermal meteoric and deep
geothermal, and derivative types (Trainer, 1975; Dondanville, 1978). Acid-sulfate
waters are found only within the resurgent dome of the caldera. The hottest and
most active region is located at Sulphur Springs on the western flank of the caldera
floor (Goff and Goldberg, 1985; Szynkiewicz et al., 2019). Sulphur Springs is an
acid-sulfate-bearing hydrothermal system sourced from hydrothermal H2S
oxidation of mantle origin (Szynkiewicz et al., 2019). Thermal and non-thermal
acid-sulfate waters originate from the mixing of local meteoric groundwater and
condensed steam from deep geothermal reservoirs (Goff and Goldberg, 1985;
Vuataz and Goff, 1986). Mud pots dominate the geothermal area but are spatially
isolated. During the wet season, ephemeral stream network forms at Sulphur
Springs, leading to widespread drainages connected to the nearby Sulphur Creek.
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Over the last ~100 years, the Sulphur Springs area was mined for sulfur and other
mineral deposits, thus the surface expression of the current hydrothermal features
has been significantly altered from their natural state.
The moat region of the caldera hosts thermal waters, which are characterized by
meteoric water heated in the near-surface (Goff and Grigsby, 1982). These waters
have interacted with Quaternary alluvium and lacustrine deposits that are present
in the moat (Goff and Grigsby, 1982). Deep geothermal waters and derivatives are
localized along faults and fractures within the resurgent dome, confined within
silicified ignimbrites at temperatures between 260 and 300°C (Dondanville, 1978;
Goff and Grigsby, 1982). Isotopic composition of deep derivative geothermal
waters suggest they are mainly surface meteoric waters mixing with deep
geothermal waters along the Jemez fault, leading to formation of travertine
deposits (Goff and Grigsby, 1982).
Yellowstone National Park
As with Lassen and Valles Caldera, high elevation snowmelt is the main source of
surface and groundwater in Yellowstone during the spring, with peak discharge
followed by a decline throughout the summer and fall (Gardner et al., 2010). In the
spring and fall months, temperatures range from 0°C to 20°C (National Park
Service, 2019). In the summer months, the temperatures can reach as high as
30°C, while in the winter month they can drop as low as -20°C (National Park
Service, 2019). Roughly 70 % of the precipitation in Yellowstone occurs during the
winter months, mainly as snowfall (Despain, 1987). Average snow fall in
Yellowstone is 72 cm/yr and the average annual precipitation is 40 cm/yr (National
Park Service, 2019).
The density and number of hydrothermal features at Yellowstone make it the most
hydrothermally active place on Earth, with most of the hydrothermal activity taking
place within the most recent caldera (Xu et al., 1998). While hydrothermal water
chemistry varies widely throughout the region, ultimately all geothermal waters are
sourced from a sulfide- and chloride-rich parent water body (Xu et al., 1998;
Kamyshny et al., 2014). Subsequent changes in chemistry are a result of deep
hydrothermal water mixing with oxic shallow meteoric waters, as well as waterrock interaction, water-vapor separation, and variations in magmatic source of
fluids and gases (Fournier, 1989; Nordstrom et al., 2009). Groundwater flow in
Yellowstone has been broadly categorized into two groups: 1) shallow, cool water
and 2) deep, high temperature water all sourced by meteoric precipitation (Gardner
et al., 2010). Surface hydrothermal waters are a byproduct of deep thermal flows
mixing with shallow groundwater (Fouriner, 1989). The parent water body is
thought to be rich in volatiles such as CO2 and H2S, but lacks sulfate and
bicarbonate ions (Truesdell et al., 1978; Fournier, 1989). The temperatures within
this parent body is proposed to reach 250°C as it is heated either within the caldera
(Fouriner, 1989) or underneath Roaring Mountain (White et al., 1988).
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There is a spatial dichotomy within respect to the chemical composition of
hydrothermal water throughout the park. Hydrothermal activity within the western
portion of the park is dominated by neutral to alkaline springs that are rich in
chloride and silica (Xu et al., 1998). Fumaroles, mud pots and acid-sulfate springs
are abundant in the eastern portion of the park; this is likely due to the impermeable
ash-flow tuff, trapping and concentrating volatiles (White et al., 1971). The main
hydrothermal areas within Yellowstone National Park can be broadly grouped into
five main regions: Upper Geyser Basin, Lower Geyser Basin, Norris Geyser Basin,
Washburn Mountain, and Mammoth Hot Springs.
Hydrothermal features found in the Upper and Lower Geyser Basins (central
Yellowstone) are characterized by high concentrations of bicarbonate and low
concentrations of chloride which results from dilution of the parent water body by
cold groundwater (Truesdell and Thompson, 1982; Kennedy et al., 1987). The
waters that show the most dilution in these two hydrothermal areas are Azure
Spring, Ojo Caliente Spring, Octopus Spring, Punch Bowl Spring, Sapphire
Springs, and Sulphide Spring (Kennedy et al., 1987). The water reservoir beneath
the Upper and Lower Norris Geyser Basin systems is between 200°C and 215°C
(Xu et al., 1998). In contrast, Norris Geyser Basin hydrothermal systems are
enriched in chloride relative to the parent water body. Extensive subsurface boiling
must have occurred in order to cause these elevated chloride levels (Xu et al.,
1998). Two hot springs in the Norris Geyser Basin region, Porkchop and Palpitator
Spring, have some of the highest chloride concentrations (Xu et al., 1998).
However, SO42- concentrations are among the lowest measured in these springs.
Additionally, because the bicarbonate concentrations are very low, no dilution by
shallow groundwater has likely occurred (Kennedy et al., 1987). The water
reservoir beneath this basin is between 200°C and 325°C (Xu et al., 1998).
Frying Pan Springs (west Yellowstone) sampled for this project, located just to the
north of the Norris Geyser Basin region, has some of the highest SO42concentrations (Xu et al., 1998). Additionally, Washburn Mountain (east
Yellowstone) hosts some of the highest H2S and SO42- concentration in the park
at Acid Inkpot Washburn Springs and several other unnamed Washburn springs
(Xu et al., 1998).
Hot springs in the Mammoth region (north Yellowstone) are chemically different
due to the interaction of the deep parent water body with thick layer of sedimentary
rocks that overlay the region (Xu et al., 1998). Chloride-and-sulfate rich waters are
thought to be sources from the Norris Geyser Basin region, traveling along a fault
between the two basins (Bargar, 1978). In addition to interaction with sedimentary
rocks, the parent water body mixes with cold groundwaters and undergoes dilution
(Bargar, 1978). While hot springs in this region are more basic in composition than
elsewhere in the park due to water interaction with sedimentary rocks, high
concentrations of both H2S and SO42- are also found in the waters (e.g. Angel
17

Terrace Spring; Xu et al., 1998). Hydrothermal waters in this region are classified
as chloride-sulfate-bicarbonate type and reach temperatures of 120°C in the
aquifer, making it significantly cooler than other hydrothermally active areas of the
park (Xu et al., 1998).

Field Sampling Methods
Water, sediment, and gas samples were collected in August 2016 (Iceland), May
2018 (Lassen), July 2018 (Valles Caldera), and October 2018 (Yellowstone).
Sampling locations were selected based on hydrothermal H2S emission (e.g.,
intense rotten egg smell) and elevated SO4 concentrations in the water (Goff and
Grigsby, 1982; Muffler et al., 1982; Xu et al., 1998; Kaaslainen and Stefansson,
2012). Most of the sampled hydrothermal features consisted of hot springs and
mud pots (Figure 1.1 C and 1.1 D). For the purposes of this study a ‘hot spring’ is
defined as water issuing at or above 36.7°C (e.g., human body temperature)
irrespective of altitude or pressure (after Pentecost et al., 2003). Similarly, ‘mud
pot’ possesses the same properties as ‘hot spring’ but have higher suspended
sediment load (mostly clay) that obscures the bottom of the hydrothermal feature.
Many of the sampled hot springs and mud pots were interconnected by ephemeral
streams from rain (Iceland, Yellowstone) and/or snowmelt (Lassen). Therefore,
water and sediment samples were divided into three groups (Figures 1.1 C and
1.1 D):
•
•
•

Type 1 – mud pots and hot springs with well-defined boundaries that were
spatially isolated from one another (e.g., not connected by ephemeral
streams);
Type 2 – mud pots and hot springs interconnected by ephemeral streams,
including shallow pots of surface water (<0.05 m in depth) with
heterogeneous H2S emissions through the streambeds;
Type 3 –stream and river water comprised of combined flows (usually
intermittent) from pools of ponding water and/or drainages from larger areas
(e.g., hill, mountain) with spatially abundant fumarole exhalations, hot
springs and mud pots.

Iceland
In northern Iceland, the Námafjall geothermal region (Figures 2B and 2E) was the
largest area sampled in this project, ~3 to 4 km2 in size (Sæmundsson, 1991), with
numerous mud pots (usually <1 m in diameter) located along the fault scarp at the
bottom of the Mount Námafjall, and widespread fumarolic exhalations on different
elevations. Two sample types comprise the primary collection: four samples of
Type 1 (sample no. N-1, N-2, N-4, N-5) and two samples of Type 3 (N-3, N-6).
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Because of the rain during main sampling activities, site N-1 was resampled
additionally the next day to verify whether rain has a potential effect on δ18O of
SO42- and water (N-11). In Krafla (Figures 2B and 2F), three samples of Type 3
were collected that consisted of a small stream draining a large hot pool in
Leirhnjúkur (K-7) and a bigger ephemeral stream (K-8) which became active due
to rain, thus it contributed several flows from a drainage system of a larger hill with
spotty fumarole exhalations. Additionally, one sample was collected from an
outflow-like stream of the Krafla Geothermal Power Plant (K-9), although it was
unclear whether any natural drainage contributed to the stream flow in this location.
In southern Iceland, Type 1 and Type 2 samples were collected from stream
drainages along steep hill slopes. The Krýsuvík area (Figures 1.2 D and 1.2 I) had
the largest number of spotty H2S emissions. Two of the collected samples were
Type 2, with KR-33 located in the headwaters and KR-34 a few meters further
downstream. The Type 3 samples were sampled from a small tributary (KR-35)
and a pipe combining all stream flows in this location (KR-36). Additionally, the
Type 1 samples were collected from two mud pots <0.5 m in diameter (KR-37, KR38). The Hveragerði area (Figures 1.2 C, 1.2 G, and 1.2 H) had significantly less
H2S emission, thus the sampling area was spatially constrained and mainly limited
to a few meter-long stream with visible underwater pit-like features. It is likely that
the pits become individual hot springs (Type 1) under dry conditions. Two Type 2
samples were collected at the headwaters (H-22) and above the largest pit (H-23),
and one Type 3 at the lowest elevation (H-25) above the confluence with a larger
stream draining the area with no visible H2S emission. Further, three Type 1
samples were collected from one hot spring (H-20) and one mud pot (H-21) located
above the stream headwaters, and from one mud pot (H-24) at lower elevation.
Additionally, two Type 1 samples (H-29, H-30) were collected off the Ring Road
(Highway 1), ~5 km west of the Hveragerði geothermal area. Most likely, H-30 was
an artificial outflow from a broken, old geothermal well directed into a small,
concrete pool.
Lassen Volcanic National Park
In Lassen Volcanic National Park, the Sulphur Works hydrothermal area (Figures
1.3 B and 1.3 C) was sampled because of elevated H2S emission and easy access.
Type 1 and Type 2 samples were collected from a narrow valley with abundant
hydrothermal alterations. On steep slopes, three Type 1 samples (L-6, L-7, L-9)
were collected from hot springs with well-defined boundaries and two Type 2
samples (L-10, L-11) were from interconnected hot springs (<0.5 m in diameter) at
the time of sampling. Additional five Type 2 samples were collected at the bottom
of the hill with spotty, heterogeneous H2S gas emissions into the streambeds of
ephemeral drainages (L-1, L-2, L-3, L-4, L-5). Throughout the two days of
sampling, the water level in these drainages fluctuated with some channels drying
up completely, indicating variable water inputs. Conversely, the water levels in
Type 1 hot springs did not show significant visual changes. Off the main access
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road, a large mud pot (L-8; ~2 m in diameter) was sampled, located below a steep
scarp and ~10 m downhill from other sampling locations.
Valles Caldera National Preserve
In Sulphur Springs, the sampling took place along the main fault scarp with
fumarolic exhalations after several months of drought (Figures 1.3 D and 1.3 E).
All six collected samples were Type 1.
One mud pot (V-1) was located near an old geothermal well No. VC-3, above a dry
sedimentation pond constructed by early miners in 19th century (Goff and
Goldberg, 1985). This mud pot was very small (<0.20 m in diameter) and showed
significant gas bubbling with little water, which was dry by the end of the sampling.
Four other mud pots (V-3, V-4, V-5, V-6) between 0.20 and 0.80 m in diameter
were located close to each other, within a small area of ~1 m across and above
the main fault scarp, approximately 15 m uphill from V-1. The large, burned
wooden beams scattered around these mud pots suggested a remnant of an old
bath house. Additionally, one hot spring (V-2) was sampled a few meters uphill
from the four mud pots.
Yellowstone National Park
In Yellowstone National Park, the Frying Pan Springs hydrothermal area was
chosen because of elevated H2S emissions and similarity to sampling locations in
Iceland and in Lassen in terms of having numerous hot springs and mud pots
interconnected by ephemeral drainages (Figures 1.3 F and 1.3 G). Because of wet
conditions (e.g., early winter mix of rain and snow), two main stream networks were
active at the time of sampling, with one ephemeral stream experiencing
widespread, patchy H2S emissions over a distance of ~15 m (Y-2, Y-3, Y-4, Y-5,
Y-6, Y-7) and a second stream fed by a large, hot pool of ~15 m diameter (Y-1). In
order to verify whether rain/snow affected chemical and isotope compositions of
the collected water samples, the sites Y-1 and Y-2 were sampled over the course
of three days.
As in Lassen, the water level in the ephemeral drainage fluctuated throughout the
sampling, indicating variable input of water from snowmelt and rain (particularly in
sites Y-2 through Y-7). Rapid changes of field conditions resulted in many
characteristics of both Type 2 and Type 3 samples at this site. Two Type 1 samples
were collected on opposite sides of the large hot pool (Y-1A, Y-1B) with two
distinctive areas of H2S gas emission. Additionally, three smaller hot springs of
Type 1 (<0.30 m in diameter) were sampled in close proximity to the Y-1 pool (Y8, Y-9, Y-10).

20

In situ Measurements
In Iceland, a YSI 556 Multi Probe System (MPS) was used to measure
temperature, pH, oxidation-reduction potential (ORP), dissolved oxygen (DO), and
total dissolved solids (TDS) in hot springs and mud pots. In many cases, the YSI
probe was too large (~10 cm long) to submerge into the springs, therefore the
sampled water had to be poured into a ~60 mL plastic container. Because
dissolution of gases increases with decreasing temperature, this might have
caused some increases of the DO concentrations and ORP as a result of cooling
and dissolution of atmospheric O2. In order to improve in situ measurements,
meters made by Vernier Software and Technology were purchased to analyze DO
and ORP in the hydrothermal features of Lassen, Valles Caldera, and Yellowstone.
These probes were significantly smaller and allowed for more precise in situ
analysis even in very shallow springs with <2 cm depth of the water column. The
YSI and Vernier had similar analytical precision for DO (±0.1-0.2 mg/L) and ORP
(±15-20 mV), and the YSI precision was ±0.2 units for pH, ±0.15°C for temperature,
and ±0.001 mS/cm for conductivity.
A Klein Tools laser infrared thermometer and Fisher Scientific digital thermometer
with a long Omega thermocouple were used to measure temperatures. The laser
thermometer was used to estimate the surface temperature of hot springs and mud
pots to guide a selection of sampling sites. The digital thermometer was used to
measure in situ the temperature of sediment and water. For samples with pH >5,
alkalinity was measured using a LaMotte titration kit with an accuracy of 4 mg/L.
Ferrous iron (Fe2+) concentrations of hydrothermal fluids were determined in situ
using a Hach colorimeter with the 255 Iron, Ferrous method with analytical
precision of ±0.02 mg/L. Prior to analysis, samples were diluted with DI water to
lower the Fe2+ concentration to <3 mg/L. Therefore, the measured Fe2+
concentrations might be a slight underestimate because of possible oxidization of
Fe2+ to Fe3+. Time constraints in the field limited the amount of in situ analysis of
Fe2+ in Iceland, thus only 11 samples were analyzed using this method. Similarly,
the Hach colorimeter’s 690 Sulfide method was used to determine the sum of H2S
and HS- concentration for the selected water samples in Iceland, with an analytical
precision of ±0.005 mg/L.
For sampling in Iceland, a Thermo Scientific™ Dionex™ ion chromatography (IC)
ICS-2100 was brought to the field to analyze, in situ, the main S intermediate
species (e.g., sulfite and thiosulfate) dissolved in hydrothermal water. The IC
detection limit was 0.05 mg/L for anions.
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Water, Sediment, and Gas Sampling
Water samples were collected using 60 mL syringes and filtered through 0.20 µm
nylon filters into polyethylene bottles for chemical and isotopic analysis. In
hydrothermal sites that had temperatures of 80 to 90°C and/or high suspended
sediment, the water was initially collected into a plastic or glass jar and allowed to
cool for several minutes to hours. Un-acidified water samples were collected for
isotope and anion analyses. Separate portions of water were acidified with 6 N HCl
for cation and trace metal analyses. To prevent oxidation of dissolved H2S gas,
water samples for S and O isotope analysis of dissolved SO42- were reacted in the
field with zinc acetate (Zn(O2CCH3)2) to precipitate dissolved H2S to ZnS. The
filtered water was added to a 60-mL syringe containing the 10 % zinc acetate
solution and reacted with the sample for a minimum of 24 hours. Afterward, the
ZnS precipitate was filtered and the remaining water (<45 mL) was used to
precipitate BaSO4 for S and O isotope analyses using a 10 % solution of BaCl2. In
order to test whether zinc acetate may affect the δ18O of BaSO4, the dissolved
SO42- in Icelandic samples was precipitated with and without zinc acetate present.
No significant differences in the δ18O of SO42- were measured, indicating that zinc
acetate did not affect the δ18O of SO42-. Therefore, for Lassen, Valles, and
Yellowstone, the water samples were reacted with zinc acetate prior to BaSO4
precipitation.
Sediment samples were collected into sterile plastic 15- or 55-mL centrifuge tubes
using a plastic spatula or by submerging the tube in the sediment. Afterward, the
samples were placed on ice in a cooler for transport and frozen at -20°C until
analysis.

Laboratory Analyses
Pore Water Analysis and Metal Extraction from Sediment
In the laboratory, sediment samples were defrosted and centrifuged to separate
the pore water from the sediment. Pore water was filtered through 0.20 µm nylon
filters and the sediment was freeze dried in a Labconco FreezeZone 6 Freeze
Dryer System. The dry sediment was ground in an agate or zirconia mortar and
pestle. Approximately 1 g of ground sample was used for two-step metal leaching
using ultra-pure deionized water and 2 % TraceMetal grade HCl (<1 ppb). Firstly,
35 mL of ultra-pure DI water was added to each sediment sample in a 55 mL falcon
tube and shaken on a Lab-Line Instruments, L.E.D Orbit Shaker table for 1 hour.
This was done to quantify the metals that were loosely sorbed onto the sediment
particles. Afterward, the centrifuge was used to separate sediment from the DIextract which was filtered through a 0.2 μm nylon filter. Additionally, the extracts
were acidified with TraceMetal grade HNO3 (<1 ppb) to match the acid
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concentration of the standards used for ICP-OES analysis. The sediment was then
freeze dried. Secondly, the sediment was treated with 35 mL of 2 % TraceMetal
grade HCl and shaken for 1 hour in a similar fashion as for the DI extraction. This
step was done to quantify the metals that could be leached under more acidic
conditions (pH <1).

Analytical Instrumentation
Isotopic and chemical analyses on the collected water and sediment samples were
performed in the Stable Isotope Laboratory in the Department of Earth and
Planetary Sciences, and the Water Quality Research Laboratory in the Civil and
Environmental Engineering Department at the University of Tennessee. Some sets
of samples were also analyzed for chemical composition in a new teaching
laboratory facility located in Strong Hall at the University of Tennessee, Knoxville.
Los Gatos Water Analyzer
Water isotopic composition (δ2H and δ18O) was analyzed on a Los Gatos Research
DLT-100. Results were reported in units of per mil (‰) with respect to Vienna
Standard Mean Ocean Water (V-SMOW) and Standard Light Antarctic
Precipitation (SLAP) for δ18O and δ2H, respectively and have an analytical
precision of ±0.2 ‰ for δ18O and ±0.7 ‰ for δ2H.
Isotope Ratio Mass Spectrometer
Sulfur (δ34S) and oxygen (δ18O) isotopic compositions were analyzed on a Delta
Plus XL Isotope Ratio Mass Spectrometer (IRMS) coupled with a Thermo Finnigan
TC/EA for (δ18O) and a Costech Elemental Analyzer (EA) for (δ34S). Results were
reported in units of per mil (‰) with respect to Vienna Cañon Diablo Troilite (VCDT) and Vienna Standard Mean Ocean Water (V-SMOW) for δ34S and δ18O,
respectively. Analytical precision is ±0.2 ‰ for δ34S and ±0.3 ‰ for δ18O.
Ion Chromatography
Cations were analyzed on an ICS-2000 ion chromatograph (IC) and anions on an
ICS-2100 ion chromatograph. The obtained results were calibrated using the
Inorganic Ventures standards IV-STOCK-7 and IV-STOCK-59, respectively. The
analytical precision is ±5 %.
Inductively Coupled Plasma-Optical Emission Spectrometer
Metal concentrations in the water column, pore water, DI-extract, acid-leachate
samples were determined using the 7000 series and 7400 Duo Thermo Scientific
iCAP Ion Coupled Plasma Optical Emission Spectrometer (ICP-OES). Three
standards were used: a Sigma Aldrich Multi-Element Standard 5, an Agilent single
element Arsenic standard, and an Agilent single element Fe standard. The
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following metals were analyzed: Fe (up to 200 mg/L), Ca, K, Na (up to 100 mg/L)
and Ag, Al, As, Ba, Be, Bi, Cd, Co, Cr, Cs, Cu, Ga, In, Li, Mg, Mn, Mo, Ni, Pb, Rb,
Sr, Ti, V and Zn (up to 10 mg/L). The ICP-OES has an analytical precision of
±0.002 mg/L. In order to determine background contamination, seven blanks were
analyzed with the samples. Minimum concentrations reported were determined by
adding the average value of the blanks (n=7) to the standard deviation times four.
Absorbance Detector Coupled with Ion Chromatography
In addition to ICP-OES measurements, a Dionex AD20 Absorbance Detector
attached to an ICS-2000 ion chromatograph was also used to quantify the
concentrations of Ni, Co, Mn, Zn, Cd, Fe2+, and Fe3+ in the water column and pore
water samples. The advantage of using the Absorbance Detector in addition to the
ICP-OES is that it is able to quantify the concentrations of both Fe2+ and Fe3+ which
cannot be done using the ICP-OES only. Concentrations of these metals are
measured using an ion chromatograph coupled with a colorimeter. The Centripur
Multi-element Standard 2A was used along with in-house Fe2+ and Fe3+ standards
prepared by dissolution of known amounts of FeCl2 and FeCl3 salts. It should be
noted that the metal concentrations from the Absorbance Detector have
considerably more noise than the ICP-OES, therefore lower concentrations are
more difficult to accurately analyze. As such, many samples with lower
concentrations of Ni, Co, Cd, and Mn were below the detection limit of the
Absorbance Detector but were detectable by ICP-OES.
Acid-Soluble SO42- in Sediments
The method of S sequential extraction was used to analyze δ34S and δ18O of acidsoluble sulfates in the sediment (e.g., Mayer and Krouse, 2004). The same
sediment was used for metal leaching. In the first step, elemental sulfur (S0) was
removed from the sediment by adding dichloromethane to dissolve S0. Afterward,
the sediment was left to air dry. In the second step, 30 mL of 6 N HCl was added
to the sediment and N2 was bubbled through the extraction apparatus to remove
traces of H2S from acid-volatile sulfides that might have been present in the
sediment. Afterward, the sediment and acid leachate were centrifuged. After
removal of iron by reaction with NaOH pellets, the remaining leachate was acidified
with HCl and reacted with 10 % BaCl2 to precipitate acid-soluble sulfates as
BaSO4. In the end, the BaSO4 was used for S and O isotope analysis.
Statistical Analysis
Redundancy analysis (RDA), a method to extract and summarize the variation in
a set of response variables that can be explained by a set of explanatory variables,
was performed using the RDA function in the R package, VEGAN v2.5.2 (Philip,
2003). Ordination was performed using the δ18O of water, the δ18O of SO42- and
the difference between δ18O of SO42- and water (expressed as Δ18O) as response
variables (i.e., species abundance) and water column ion/metal concentrations,
sediment metal concentrations, water column Fe2+/Fe3+ ratio, and in situ water
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column temperature, ORP, and DO as predictor (environmental) variables. Not all
measured ions/metals were used for RDA. The ions selected for RDA (Ca, Mg, Al,
Mn, SO42-, and total Fe) were intended to reflect general lithology as well as
elements which had the propensity to undergo redox chemistry, thus affecting the
δ18O of SO42-. Sites were excluded from the RDA if data was missing for either
environmental or response variables. The RDA required all variables to be positive,
so individual variable distributions were shifted by the absolute value of the
smallest observed value and offset by a constant value of 1x10-10 (both predictor
and response variables). Individual variables from across all sites were then
transformed to meet assumptions of normality by using the boxcox function in the
R package, MASS v.7.3.49 (Venables and Ripley, 2002). Lastly, the resulting
variable distributions were normalized by the respective distribution variance, as
to express all variables in unit variance. This allowed for all variables to be
comparable with one another. RDA graphical representation was performed using
species scaling (scaling=2).

Results
All in situ measurements, water chemistry, and isotope compositions are
presented in “Field_Chemical_Isotopic_Data.xlsx” and Figures 1.4-1.14. Box and
whisker plots were used to determine the upper and lower quartiles, as well as the
mean, median, maximum, and minimum values. Unless otherwise reported,
outliers are excluded from the range of values given. This was done to distinguish
the major similarities and differences between the seven field sites, which may
otherwise be obscured when considering outlier data points. Outliers were
calculated in Excel and defined as 1.5 times the interquartile range.
In situ Measurements
Dissolved oxygen (DO) concentrations were highly variable in the studied sites,
ranging from 0.01 mg/L to 8.93 mg/L (Figure 1.4 A), with largest variations in Type
3 samples (0.98 to 8.93 mg/L) compared to smaller ranges in Type 1 and Type 2
samples (0.01 to 1.83 mg/L), with the except of two outliers in Yellowstone (Y-9
and Y-10) with higher DO (3.77 and 4.11 mg/L, respectively). Except for a few
samples, the DO concentrations in Type 1 and Type 2 samples were slightly higher
in Iceland (0.32 to 2.90 mg/L) compared to other sites located in the United States
(U.S.; 0.01 to 1.03 mg/L). In Iceland, the hot spring/mud pot water was cooled
during pouring into the YSI measuring container likely causing some increases in
DO concentrations. Conversely, in U.S. sites, the in situ measurements with the
Vernier Optical Meter resulted in lower DO concentrations, showing the lowest
values in Valles (<0.03 mg/L) and higher values in Lassen (0.01 to 0.80 mg/L) and
Yellowstone (0.15 to 1.03 mg/L). A couple of samples with lower temperatures, in
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both Lassen (59 to 65°C) and Yellowstone (41 to 50°C), showed higher DO
concentrations, 1.49 to 1.75 mg/L and 3.77 to 4.11 mg/L, respectively.
In Iceland, the pH showed wide variation, with highest values in Hveragerði (5.17
to 8.08) and Krafla (2.22 to 7.90), compared to significantly lower values in
Námafjall (1.87 to 2.59) and Krýsuvík (2.37 to 4.01; Figure 1.4C). In the U.S. sites,
pH varied in narrow range of 1.54 to 2.32 in Valles, 2.40 to 2.90 in Lassen, and
2.37 to 3.08 in Yellowstone.
Oxidation-reduction potential (ORP) varied widely between sites in Iceland. Except
for a few outliers, Krafla and Námafjall had the highest ORP (273 to 465 mV and 52 to 460 mV, respectively), while Hveragerði had the lowest values (-211 to 69
mV). Krýsuvík, Valles, Lassen and Yellowstone showed similar ORP with relatively
narrow range of -47 to 130 mV (Figure 1.4 B). Usually, higher ORP values
corresponded to higher SO42- concentrations (Figure 1.5 A). Type 3 samples had
significantly higher ORP (63 to 453 mV) and higher DO concentrations (0.98 to
8.93 mg/L) compared to lower values in Type 2 and Type 1 samples (-211 to 139
mV and >1.83 mg/L, respectively). Nevertheless, there is no statistically significant
correlation between DO concentrations and ORP (Figure 1.6 A).
In all studied field sites, the temperature of Type 1 and Type 2 was higher (40 to
95°C) compared to Type 3 samples (12 to 56°C). The highest temperatures were
measured in Hveragerði (79 to 95°C), while Krafla had the lowest temperatures
(<36°C). Note that, all Krafla samples were stream water (Type 3). Námafjall,
Krýsuvík, Lassen, Valles, and Yellowstone had a similar range of temperatures (53
to 90°C), with three outliers, one in Krýsuvík (44°C) which represented an
ephemeral stream, and two in Yellowstone (41°C), which were small, isolated hot
springs in close proximity to one another and fluctuated in volume throughout the
duration of sampling (Figure 1.4 D). The sediment temperatures were similar to
the water column ranging from 43°C to 94°C, with an average value of 83°C.
However, in the individual hydrothermal features the temperature of the sediment
was usually by 10°C to 20°C higher than in the water column
(“Field_Chemical_Isotopic_Data.xlsx”). Generally, higher temperatures in the
water column corresponded to lower DO concentrations in all studied locations
(Figure 1.6 B).
Water Chemistry
There was no distinctive water type according to a piper diagram classification
using major and cation and anion concentrations (Figure 1.7). Sulfate (SO42-) was
the most dominant ion in all waters. The highest concentrations of SO42- were
observed in Valles Caldera (2,926 to 24,461 mg/L) and lower concentrations in
Námafjall (973 to 3959 mg/L), Krafla (492 to 3,087 mg/L), Krýsuvík (138 to 1,057
mg/L), Lassen (216 to 1,061 mg/L), Yellowstone (200 to 770 mg/L), and
Hveragerði (21 to 281 mg/L). The highest SO42- concentrations were typical for
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waters with the lowest pH (<2.59) and generally higher ORP (Figure 1.5 A and 1.5
B). Among Icelandic samples analyzed, thiosulfate (S2O32-) concentrations were
the highest in Hveragerði (0.11 to 58 mg/L) and in one hot spring in Krýsuvík (49
mg/L), corresponding to higher pH (5.17 to 7.01; Figure 1.5 E). Additionally, higher
concentrations of S2O32- (>10 mg/L) corresponded to lower ORP (>-100 mV;
Figures 1.5 D). Other water samples with pH of <3 had very low S2O32concentrations (<0.6 mg/L). There was no correlation between DO and SO42- or
S2O32- concentrations (Figures 1.5 C and 1.5 F). Additionally, there were only
minor differences in chemical composition for the Y-1 and Y-2 sites sampled over
a three-day period (e.g., ±73 mg/L for SO42- and ±2 mg/L for Cl-) and between the
Y-1A and Y-1B samples (e.g., ±31 mg/L for SO42- and ±0.21 mg/L for Cl-) collected
on the opposite sides of the large hot pool Y-1 that indicated homogeneous
aqueous environment.
Other anions were in significantly lower concentrations. Chloride (Cl-) was mainly
present in Icelandic and Yellowstone samples (<15 mg/L). Conversely, Clconcentrations were relatively low in Lassen and Valles (<1.5 mg/L). Type 1 and
Type 3 samples had similar narrow ranges of Cl- concentrations, while Type 2 had
a much wider range. Fluoride (Fl-) concentrations were the highest in Valles (<10
mg/L) and Yellowstone (<6.5 mg/L) compared to lower concentrations in Iceland
and Lassen (<1.1 mg/L). Phosphate (PO34-) was only detected in a few samples in
Iceland (<3.7 mg/L). Nitrate, nitrite, and bromide were <0.1 mg/L in all field sites.
Many cations were present in high concentrations, with the dominant cation
varying from site to site. Calcium (Ca2+) was the most abundant cation in all
Icelandic sampling sites (11 to 410 mg/L). Of the U.S. sites, Valles had the highest
concentrations of Ca2+ (11 to 287 mg/L), while Lassen (1.8 to 9.4 mg/L) and
Yellowstone (<18 mg/L) had the lowest. Ammonium (NH4+) was elevated in all
sampling sites: in Lassen (0.1 to 73 mg/L), Valles (27 to 478 mg/L), and
Yellowstone (3.8 to 14 mg/L). In Iceland, NH4+ was elevated in Námafjall (7.1 to
18 mg/L) and Krýsuvík (0.07 to 8.3 mg/L), while Krafla and Hveragerði had lower
NH4+ concentrations (<2.4 mg/L). Potassium (K+) was most dominant cation in
Valles (32 to 450 mg/L) and Yellowstone (0.8 to 20 mg/L) compared to lower
concentrations in all other field sites (<7.7 mg/L). Magnesium (Mg2+) was the
highest in Námafjall (36 to 567 mg/L), Valles (7 to 207 mg/L), Krafla (53 to 155
mg/L), and Krýsuvík (16 to 115 mg/L), while Hveragerði, Lassen, and Yellowstone
had lower Mg2+ concentrations (<10 mg/L). Lithium (Li), strontium (Sr), and barium
(Ba) were <0.4 mg/L.
Al and Fe were the dominant metals in the water column and pore water compared
to Mn and Zn (“Field_Chemical_Isotopic_Data.xlsx”). Valles had the highest Al and
total Fe concentrations ranging from 95 to 3,963 mg/L and 13 to 1,949 mg/L,
respectively. In other field sites, the Al and Fe concentrations were <416 mg/L and
<1,932 mg/L, respectively. Mn concentrations were similar in Námafjall, Krýsuvík,
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and Valles (<36 mg/L), however, all other sites had lower Mn concentrations (<1
mg/L). Zn was the highest in water column of Námafjall (0.1 to 6.7 mg/L) with
slightly lower concentrations in Valles (0.1 to 2.6 mg/L) and Hveragerði (<2.4 mg/L)
water column samples. All other sites had Zn concentrations <1 mg/L except for
Valles pore water which had higher concentrations of Zn (0.3 to 4.4 mg/L). Ba and
Sr were present in small concentrations (<1 mg/L) at all sites. Several other metals
such as Ag, Bi, Cd, Co, Cu, Cr, Ga, In, Mo, Ni, and Pb were below the detection
limit.
Sediment Chemistry
Al and Fe were the most leachable metals from sediment samples, with a sum of
DI- and acid-leachates ranging from 1,073 to 271,050 mg/kg and <374,217 mg/kg,
respectively. Mn was also leachable in the sediments from Iceland (<75,474
mg/kg) and Valles (<1,040 mg/kg) but it was below detection in Lassen and
Yellowstone. Other metals occurred in smaller concentrations (<1,305 and <4,525
mg/kg for Zn and V, respectively) or were below detection for Ag, As, Ba, Bi, Cd,
Co, Cu, Cr, Li, Mo, Ni, Pb, and Ti.
Isotopic Data
Oxygen (δ18O) and hydrogen (δ2H) isotope composition of water varied widely in
each sampling location, with no important differences between Type 1, Type 2,
and Type 3 samples (Figure 1.8 A). Icelandic samples showed the largest variation
of δ18O (-11.2 to +6.3 ‰) and δ2H (-87 to -26 ‰) compared to smaller variations
in Valles (-16.6 to -1.4 ‰ and -77 to -44 ‰), Lassen (-10.8 to -0.8 ‰ and -85 to 56 ‰), and Yellowstone (-15.5 to -6.8 ‰ and -138 to -112 ‰). Additionally, there
was no major difference in water isotope composition of the Y-1 and Y-2 collected
over a three-day period (±1 ‰ for δ18O and ±2 ‰ for δ2H) and in the Y-1A and Y1B sampled on opposite sides of the large hot pool Y-1. Among the U.S. sites, the
δ18O and δ2H of pore water were usually similar to the water column.
The δ18O of dissolved SO42- showed distinctive ranges in the individual sampling
sites, with no major difference between Type 1, Type 2, and Type 3 samples
(Figure 1.8 B). In Iceland, the Námafjall and Krýsuvík sites had similar range of
δ18O of SO42- (-2.6 to +5.5 ‰) compared to lower values in Hveragerði (-3.3 to +1.1
‰) and Krafla (-8.8 to -3.4 ‰). In U.S. sites a similar range of δ18O of SO42- was
observed in Lassen (-6.9 to -2.2 ‰) and Yellowstone (-8.9 to -3.8 ‰), but
Yellowstone had a couple of outliers (as high as +2.8 ‰) corresponding to higher
δ18O of water. Valles had more positive δ18O of SO42- (-0.8 to +1.5 ‰), with one
outlier of -3.2 ‰. The δ18O of pore water SO42- was similar to the water column,
with the exception of Yellowstone with wider range of δ18O (-8.4 to -0.7 ‰). While
higher δ18O of SO42- usually corresponded to higher δ18O of water, in all locations
the δ18O of SO42- showed narrower ranges compared to δ18O of water (Figures 1.8
A and 1.8 B). The site N-1 in Iceland and Y-1 and Y-2 in Yellowstone which were
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sampled multiple times (e.g., during and after the rain) showed little change (<1.0
‰) of δ18O of SO42- (“Field_Chemical_Isotopic_Data.xlsx”).
In all sites, sulfur isotope composition (δ34S) of SO42- showed a small range (-2.5
to +2.4 ‰) with no difference between Type 1, Type 2, and Type 3 samples.
Slightly higher δ34S was measured in Krýsuvík (+1.7 to +2.5 ‰) and Valles (1.7 to
+2.6 ‰) compared to lower values in Námafjall (-0.9 to +1.3 ‰), Krafla (0 to +0.2
‰), Hveragerði (-2.5 to +1.4 ‰), Lassen (-0.3 to 0.7 ‰), and Yellowstone (-0.7 to
+0.5 ‰). The δ34S of dissolved sulfide (H2S) ranged from -1.8 to +3.9 ‰ for
Icelandic samples with two outliers in Krýsuvík with higher δ34S of +5.9 ‰ and +8.5
‰.
Statistical Analysis
The first constrained axis (RDA 1), second constrained axis (RDA 2), and the third
constrained axis (RDA 3) explained 34.9 %, 13.3 %, and 0.4 % of the total variance
in environmental variables, respectively (Table 1.1). In total, the constrained axes
explained 48.6 % of the variance in environmental variables for sites meeting the
analysis criteria. The ordination analysis showed moderate to strong correlations
between Fe (sediment), Mn (sediment), Al (sediment), Ca (water column), and Mg
(water column), as evident by the smaller angles between respective vectors. The
relatively large vector magnitudes for these variables along RDA 1 suggested RDA
1 was heavily influenced by these ion/metal concentrations. In contrast, the DO,
ORP, and Fe2+/Fe3+ ratio appeared to be independent of RDA 1 as evident by the
near 90º angle between the respective vectors and the RDA 1 axis (x axis). RDA
2 appeared largely influenced by DO, ORP, Fe2+/Fe3+ ratio, Mn (sediment), and Fe
(sediment). Vector analysis suggested that the Mn, Al, SO42- concentrations and
temperature (T) of the water column had little influence in defining either RDA 1 or
2. This was evident by the smaller magnitude vectors. The δ18O of water was
inversely related to RDA 1 while remaining independent of RDA 2. In contrast, δ18O
of SO42- appeared more positively correlated to RDA 2 while having a relatively
weak correlation to RDA 1. Lastly, Δ18O (difference between δ18O of SO42- and
water) appeared to have a moderately positive relationship with both RDA 1 and
2. Due to the low variance explained, RDA 3 was not interpreted in the context of
environmental or isotope variables.

Discussion
Field Conditions and Oxygen Availability
On Earth, surface oxidation reactions are believed to be mainly controlled by
atmospheric oxygen (O2) because of its abundance in the atmosphere (~20 %)
and high reactivity as an oxidant (Berner and Berner, 2012). Highest dissolved O2
content usually occurs in meteoric precipitation and surface waters with direct
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exposure to air and low surface temperatures, which increase O2 solubility in water
(e.g., Geng and Duan, 2010). In contrast, groundwater typically has lower O2
content resulting from oxidation reactions that occur along the flow path in the host
rock (Browlow, 1979). Similar to groundwater, hydrothermal gases can be also
depleted in O2. In the investigated field sites, CO2 and water vapor are the main
constituents of hydrothermal gases, with smaller contents (<1 %) of H2, N2, CH4,
Ar, and H2S (e.g. Oskarsson, 1984; Gunter and Musgrave, 1966, Janik and
Bergfeld, 2010; Goff and Bolivar, 1983). O2 gas is also present in lower
concentrations, comprising <2 % of hydrothermal emission in Iceland at
Hveragerði and Krafla (e.g. Oskarsson, 1984; Marty et al., 1991), <1 % in
Yellowstone and Lassen (e.g., Allen and Day, 1935; Gunter and Musgrave, 1966;
Janik and Bergfeld, 2010), and has been reported below detection for Valles
Caldera (e.g., Goff and Bolivar, 1983; Charles et al., 1986). Nevertheless, some of
the previously reported O2 contents (<2 %) for Icelandic gases might be largely
from air contamination during gas sampling (Guðjónsdóttir, 2014).
In my study, the concentrations of dissolved O2 (DO) in the Type 1 (e.g., individual
hot springs and mud pots) and Type 2 water samples (e.g., interconnected springs
via ephemeral drainages) were relatively low, mainly <1 mg/L in waters with
highest temperatures of 70-95°C, and <2 mg/L in a few samples with slightly lower
temperatures of 50-65°C (Figure 1.5 B). Conversely, significantly higher DO
concentrations between 4 and 9 mg/L were in Type 3 waters (e.g., streams) with
lower temperatures (7 to 40°C). Generally, the lowest DO concentrations (<0.1
mg/L) were measured in places with higher visual bubbling of hot gases through
the water column (L1, L-2, L3, L8, L-9, L10 in Lassen) and higher temperatures
(61 to 92°C). The majority of the samples showed negative relationship between
DO and temperature (Figure 1.6 B), indicating that the increase of temperature
related to discharge of hot hydrothermal fluids and gases is likely the primary factor
decreasing the solubility of O2 in the studied hydrothermal waters. However, the
inflow of deeper O2 depleted groundwater may also account for the low DO content
in the Type 1 waters of Valles Caldera (V-1 to V-6) and Yellowstone (Y-1, Y-8).
For example, there was no surface water under the unusually dry conditions in
Valles and the large hot pools in Yellowstone (Y-1, Y-8) were clearly a headwater
for the main streams, thus indicating groundwater inflow in these sampling sites.
Oxidation-reduction potential (ORP) corresponds to water’s ability to either release
or accept electrons during chemical reactions (e.g., Langmuir, 1997). High ORP
values indicate there is a greater potential to oxidize than at lower ORP. Majority
of the Type 1 and Type 2 waters showed a narrow range of ORP (-211 to +139
mV) which implies intermediate oxidation potential, typical for transitional
environments between subsurface anoxic and surface oxic conditions (Figure 1.9
A). The positive relationship between ORP and SO42- concentrations (Figure 1.5
A) also confirms that many of the studied Type 2 samples represent mixing
proportions of oxidized surface water (Type 3) and anoxic groundwater (Type 1).
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One exception was the Type 1 waters from Valles Caldera (Figure 1.5 A). While
the measured ORP was in similar range (-3 to +78 mV) as for the Type 1 and Type
2 samples in other locations (-211 to +139 mV), the SO42- concentrations were
significantly higher (2,926 to 24,461 mg/L compared to 216 to 1,057 mg/L). The
latter was likely a result of enhanced evaporation by the drought, and/or
redissolution of already precipitated sulfate minerals, and thus significantly
increasing SO42- concentrations and shifting the Valles samples to the right from
the main mixing trend on Figure 1.5 A. The comparison of δ34S and δ18O (Figure
1.10) also points to the SO42- formation in near surface environment dominated by
oxidation of magmatic H2S in the presence of meteoric water (Rye, 2005). In
volcanic systems, sulfur derived from a mantle source, has an initial δ34S of
approximately 0 ± 3 ‰ (Ohmoto and Rye, 1979). If other SO42- sources (e.g.,
bedrock, precipitation, atmospheric deposition) were contributing the SO42- into the
studied system, then a wider variation of δ34S and δ18O values would be observed
(see Figure 1.10 for comparison). In contrast, the δ34S of the H2S gas measured
in the field sites was similar to that of the dissolved SO42- in the water samples,
pointing to the same magmatic sulfur source. Sulfur isotope fractionations are
minor/negligible during oxidation of H2S, thus the SO42- preserves the δ34S of the
initial gas source (Rye, 2005).
Generally, there was no distinctive relationship between DO and SO42concentrations (Figure 1.5 C). Because of the low solubility of O2 in higher
temperatures (Geng and Duan, 2012), we infer that the investigated hot springs
and mud pots show rather small potential for H2S to be directly oxidized to SO42via atmospheric O2 during the wet conditions present at the time of sampling. When
atmospheric O2 serves as the oxidant, 2 moles of O2 are needed for every 1 mole
of SO42- formed:
2H2S + 2O2 + 6H2O ® 2SO42- + 16H+

(1)

During sampling, Type 2 water was actively transported away by active drainage
system, thus it likely contained the SO42- formed under low O2 measured at the
field sites. Using molar ratios and measured DO and SO42- concentrations, we
estimate that <3.4 % of SO42- (average 0.48 %) could have been formed via O2driven oxidation (Eq. 1) at the time of collecting the Type 2 samples (Figure 1.15
A). Similar ranges were observed for the Type 1 samples with possibly longer
residence time for dissolved SO42- (<4.9 %, average 0.42 %). This suggests that
in addition to atmospheric O2 there are likely other mechanisms (oxidants) involved
in H2S oxidation to account for elevated SO42- concentrations in these
hydrothermal sites.
Oxygen Isotope Tracers
Metals such as iron (Fe) are known to oxidize reduced S in surface terrestrial
environments (Taylor et al., 1984 a, b). For example, in acid rock drainage sites
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sulfide minerals (e.g., pyrite FeS2) are readily oxidized to SO42- by the reduction of
ferric iron (Fe3+) to ferrous iron (Fe2+; e.g. Taylor et al., 1984 a, b; Balci et al., 2007).
During this process, all oxygen atoms in the SO42- are from water molecules
(Singer and Stumm, 1970):
FeS2 + 14Fe3+ + 8H2O ® 15Fe2+ + 2SO42- + 16H+

(2)

Because oxygen isotope fractionations between SO42- and water are relatively
small (0 to 4 ‰), the δ18O values of SO42- is similar to the δ18O of ambient water
(e.g. Taylor et al. 1984 a, b; Moses et al., 1987; Balci et al., 2007; Heidel and
Tichomirowa, 2010). As a result, the δ18O of SO42- from oxidation via Fe3+ reduction
is usually negative as the natural waters are sourced by meteoric precipitation. In
contrast, SO42- formed via FeS2 oxidation by atmospheric O2 is characterized by
more positive δ18O values of SO42- because the δ18O of atmospheric O2 is high
(+23.5 ‰; Kropnick and Craig, 1972) and larger oxygen isotope fractionation of
~9.8 ‰ occurs between O2 and SO42- (Balci et al., 2007). If all the oxygen in SO42came from O2, the δ18O of SO42- would be +13.7 ‰. However, even when oxygen
is the sole oxidant, only one oxygen in SO42- comes from atmospheric O2 and the
remaining three oxygen atoms are from water with more negative δ18O values
(e.g., Balci et al., 2007). This leads to lower δ18O of SO42- compared to the
theoretical value of +13.7 ‰, but generally more positive δ18O values than that of
the ambient water or SO42- formed via Fe3+ reduction pathway.
There are no studies on the oxygen isotope fractionations associated with pyrite
oxidation at elevated temperatures such as those measured in field samples (e.g.,
50 to 90°C) or during H2S oxidation to SO42- such as in the hydrothermal field sites.
However, it is assumed that the oxidation of hydrothermal H2S would be mainly
accompanied by similar oxygen isotope fractionations as observed for sulfide
minerals (e.g., Balci et al., 2007) given the comparable electron transfer and sulfur
intermediates participating in the oxidation of H2S. It is assumed that temperaturedependent (equilibrium) isotope fractionations are less important during the last
oxidation step from SO32- to SO42- because of a slow oxygen isotope exchange
between SO42- and water even at elevated temperatures (e.g., Lloyd 1968;
Tichomirowa and Junghans, 2009).
In the studied field sites, only ~43 % of the water samples fall within the range of
sulfide oxidation by Fe3+ reduction (see shaded grey region on Figure 1.11 A and
1.11 B). This mainly included several Type 1 and 2 samples interconnected by
shallow ephemeral drainages activated by the rain and/or snow melt during
sampling. Of the samples that fall within this range, 36 % are Type 1 and 45 % are
Type 2 (Figure 1.11 A and 1.11 B). Based on surface appearance and
interconnectivity at the time of sampling, particularly in Type 2 samples the δ18O
of SO42- would represent the initial δ18O of water. This is particularly true for many
samples from the same ephemeral drainages in Lassen (L1-5) and Yellowstone
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(Y2-7; see dashed line fields on Figure 1.11 B) for which vigorous gas ebullition
through the entire streambed area was apparent forming distinctive hydrothermal
networks. Generally, Fe was the most dominant metal in the water column and
sediments (up to 1,932 mg/L and 374,215 mg/kg, respectively), and the overall
increases of total Fe concentrations corresponded to the increases of SO42concentrations (Figures 1.12 A and 1.12 D). This shows that Fe was available to
participate in H2S oxidation. Nevertheless, many water samples were above (~42
%) or below (~15 %) the field of Fe-driven sulfide oxidation suggesting other
processes may affect the δ18O of water and/or SO42- in the studied field sites (see
discussion below).
The blue region in Figure 11 shows the expected range of δ18O for SO42- formed
via oxidation pathway by atmospheric O2 using isotope fractionations determined
for sulfide oxidation (e.g., Balci et al. 2007):
FeS2 + 3.5O2 + H2O ® Fe3+ + 2SO42- + 2H+

(3)

Accordingly, only ~26 % of the studied samples fall within this range. However,
this included a variety of samples such as two Type 3 samples with elevated O2
concentrations of 2.75 to 5.25 mg/L (N-3, K-9 in Iceland), three Type 1 samples
with lower O2 of 0.26 to 1.04 mg/L (H-22, H-23, H-29 in Iceland), and several Type
1 samples significantly depleted in O2, 0.01 to 0.46 mg/L (L-9, L-7 in Lassen, V-3,
V-5, V-6 in Valles; Y-1 in Yellowstone). Additionally, ~9 % of the samples fall above
the range of O2–driven oxidation that mainly included the Type 1 samples (V-1, V2 in Valles; Y-8 in Yellowstone; KR-33 in Iceland), with strong evidence for inflow
of deeper, O2-depleted groundwater (0.01 to 0.37 mg/L).
One reason for the discrepancy in the measured O2 concentrations for water
samples falling within the field of O2 driven oxidation might be that the δ18O of
sampled water had changed since the time of SO42- formation. For example, the
majority of the studied Type 1 and Type 2 samples showed variable inputs of
meteoric precipitation during the sampling in Iceland (rain), Yellowstone (early
winter mix of rain and snow), and Lassen (spring snowmelt). Also, there was
evident input of groundwater in the Valles mud pots (V-1, V-2) and the headwater
springs in other locations (L-9, L-10 in Lassen; Y-1, Y-8, Y-9 in Yellowstone; N-5,
KR-33, H-22, H-23 in Iceland). In natural systems, the δ18O of meteoric water is
controlled by local factors such as temperature and type of precipitation (rain vs.
snow), which is reflected in diurnal and seasonal changes of isotope composition
(Gat, 1996). Mixing of this recent precipitation with hot spring waters could have
altered the δ18O of water without affecting the δ18O of SO42-. For example, the
seasonal processes were evident in the measured δ18O of the water samples
(Figure 1.13).
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Evaporation is another important factor increasing δ18O of meteoric water (Gat,
1996) and was observed in the field as dense packets of water vapor above the
hydrothermal features. Accordingly, the observed positive increases of δ2H and
δ18O values and distinctive shift to the right from a Global Meteoric Water Line
(Figure 1.13) indicate a strong evaporation effect on most of the studied water
samples. However, only 15 % of samples (only Type 1 and Type 3) fall below the
grey field of Fe-driven oxidation indicative of strong evaporation effect (N-1, N-2,
N-4, K-7, K-8, N-11, H-20, KR-37 in Iceland; L-8 in Lassen). Note that these
samples have higher δ18O of water compared to SO42- (Figure 1.11), suggesting
that H2S oxidation might have occurred within the sediment (or in the water
column) before significant evaporation took place.
Mixing of precipitation water (and/or groundwater) with the hot spring/mud pot
water undergoing evaporation is also recorded by negative correlations between
∆18OSO4-H2O and δ18O of water (Figure 1.14 A). Note that ∆18OSO4-H2O corresponds
to a difference between δ18O of SO42- and water. Increases of ∆18OSO4-H2O followed
by decreases of δ18O of water are best interpreted as the influx of new meteoric
water (with more negative δ18O) unaffected by evaporation. This could be from
surface water sourced by rain or snowmelt and/or deeper groundwater from a
larger drainage area (e.g., Gat 1996). For instance, the highest ∆18OSO4-H2O value
of +13.1 ‰ was measured in the Jökulsá á Fjöllum River, the second longest river
in Iceland sourced by meltwater from the Vatnajökull Glacier and representing the
largest watershed area among all the field sites. While δ18O of SO42- (-0.7 ‰) in
the Jökulsá á Fjöllum River was similar to the hydrothermal sites in Iceland (Figure
1.11), the δ18O of water was more negative (-13.8 ‰) and in agreement with values
expected for glacial meltwater (Gat, 1996). Also, in this sampling point there was
no surface evidence for any present or past hydrothermal activity. Therefore, it is
unlikely that SO42- formed in this river and that the δ18O of SO42- should be affected
by the isotope composition of surface water in the Jökulsá á Fjöllum river. A similar
conclusion can be drawn for other samples with higher ∆18OSO4-H2O and more
negative δ18O of water that either corresponded to the bigger drainage area (K-9
in Iceland) or evident inflow of deeper groundwater (V-1, V-2 in Valles; KR-33, H21, H-22 in Iceland; Y-1, Y-8 in Yellowstone). Overall, higher ∆18OSO4-H2O followed
by more negative δ18O of water in several Type 1 and Type 2 samples suggest
that the exchange (mixing) of surface and subsurface fluids is faster compared to
SO42- formation and some SO42- might be temporarily retained in a mineral phase.
If the SO42- was from the same ambient water, similar δ18O values would be
observed for both water and SO42-.
Conversely, the observed decreases in ∆18OSO4-H2O followed by increases in δ18O
of water can be linked to increasing evaporation because the water would become
enriched in heavier 18O via partitioning of 16O into the water vapor (e.g., Sharp,
2017), while this process will not affect the δ18O of SO42-. The latter was clear for
several large mud pots of Type 1 (N-1, N-4, KR-37 in Iceland; L-8 in Lassen) with
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elevated temperatures (70 to 86°C) followed by the lowest ∆18OSO4-H2O (-2.2 to 1.7 ‰). Some of the Type 3 streams (K7-8) draining larger areas with numerous
fumaroles also had negative ∆18OSO4-H2O of -3.0 to -1.9 ‰, suggesting that
evaporation of the surface water occurred (e.g., contact with hot bedrock).
I did not find any correlations between the ∆18OSO4-H2O and δ18O of SO42- (Figure
1.14 B). This may suggest that the formation of SO42- is likely accompanied by one
major oxidation mechanism with similar isotope fractionation but in the presence
of water with changing isotope composition, thus leading to larger variations of
δ18O in the dissolved SO42- (-10 to +5 ‰).
Other Processes Affecting ∆18OSO4-H2O and δ18O of SO42Oxygen is abundant in surface materials (e.g., rocks, water) and subjected to
changes of isotopic composition during its cycling in hydrological system (e.g.,
Sharp 2017). We recognize that there might be other processes controlling the
∆18OSO4-H2O in the water samples. In higher temperatures such as in the
hydrothermal sites, oxygen isotope exchange during water-rock interaction usually
leads to increases of δ18O of spring water (e.g., Sharp, 2017). In Iceland, this
process was mainly apparent in the Námafjall mud pots (N-1, N-2, N-4, N-11)
increasing the δ18O of spring water up to +6.3 ‰ (Figure 1.13). High amounts of
suspended, fine-grained sediment in the mud pots likely enhance the surface area
for water-rock interactions. Further, precipitation of secondary sulfate minerals
may lead to measurable decreases of δ18O in dissolved SO42- (e.g., Sharp, 2017).
Accordingly, in the Námafjall site the δ18O of acid-soluble SO42-, extracted by
dissolution of sulfate minerals in the sediments, was usually by 3.3 to 4.7 ‰ higher
compared
to
SO42dissolved
in
the
water
column
(“Field_Chemical_Isotopic_Data.xlsx”). While water-rock interaction and
precipitation of secondary sulfate minerals would have similar effect on ∆18OSO4H2O as evaporation, my results cannot satisfactorily discriminate between these
processes.
Oxidation of pyrite/H2S to SO42- is accompanied by several steps of electron
transfer that involves formation of various sulfur intermediates (S2O3-, SO32-, etc.;
e.g., Avrhami and Golding, 1968; Chen and Morris, 1972; Cline and Richards,
1969; O’Brien and Birkner, 1977). In particular, sulfite (SO32-) has been shown to
rapidly exchange oxygen atoms with water even in lower temperatures (Kohl and
Bao, 2011), causing an increase of δ18O of SO42- by ~4 to 11 ‰ compared to water
(Wankel et al., 2014) at lower pH of 4.5 to 7.2 and temperature range of 2 to 95°C.
Generally, the oxygen isotope fractionations are larger in lower temperatures and
higher pH (e.g., Müller et al., 2013, Wankel et al., 2014). But at elevated
temperatures (e.g., 80 to 100°C), smaller fractionation of ~4 ‰ would be involved
between SO32- and water (e.g., Wankel et al. 2014). The latter is similar to the
isotope fractionations previously determined for Fe-driven oxidation (e.g. Balci et
35

al., 2007), thus it would not be distinguishable in the majority of Type 1 and Type
2 samples.
Additionally, oxygen isotope exchange between SO42- and water is possible at low
pH and high temperatures over a period of several months to years (e.g., Lloyd,
1968; Mizutani and Rafter, 1969; Mizutani, 1972). This exchange would also cause
increases in ∆18OSO4-H2O. Because the residence time of SO42- in these systems
cannot be determined, it is difficult to estimate the effect this process has on δ18O
of SO42- using field data collected during a single sampling event.
In summary, relatively quick mixing of surface and subsurface fluids, enhanced
evaporation, and water-rock isotope exchange leading to considerable changes of
δ18O of water, make oxygen isotopes tracers challenging to use alone in
quantifying and distinguishing between O2- and Fe-driven oxidation mechanisms
of hydrothermal H2S. In contrast, these processes are of smaller magnitudes
during low-temperature oxidation of sulfide minerals (e.g., Balci et al., 2007). As
such, in the next sections of the discussion we use the stoichiometry of main
oxidation reactions (Equations 1 to 4) and robust statistical analysis to support
oxygen isotope results discussed above and better constrain the mechanisms of
H2S oxidation in the studied hydrothermal sites.
The Role of Metals
In the presence of relatively low DO (Figure 1.6 B) and elevated Fe concentrations
(Figures 1.12 A and 1.12 D), we infer that Fe-driven oxidation should be an
important process leading to the formation of dissolved SO42. We measured higher
concentrations of Fe2+ (up to ~1,550 mg/L) compared to Fe3+ (up to ~540 mg/L;
“Field_Chemical_Isotopic_Data.xlsx”) in the water column. This is mainly because
the reaction rates of sulfur oxidation to SO42- for Fe-driven oxidation are
considerably faster than those driven by atmospheric O2 (e.g., Heidel and
Tichomirowa, 2010). Generally, the measured oxidation-redox potential (ORP)
was high, suggesting negligible formation of sulfide minerals (e.g., reaction of Fe2+
with H2S). Consequently, dissolved Fe2+ would be available for reoxidation to Fe3+
to enhance further H2S oxidation by Fe3+ reduction (Figure 1.9 B).
When Fe3+ serves as the oxidant, 8 moles of Fe3+ are needed to form 1 mole of
SO42-:
H2S + 8Fe3+ + 4H2O ® 8Fe2+ + SO42- + 10H+

(4)

Using these molar ratios and measured total Fe concentrations, we estimate that
there was not enough Fe in the water column to form the measured quantities of
SO42- in both Type 2 and Type 1 waters at the time of sampling unless that Fe was
reoxidized multiple times (Figure 1.15 B). For example, Icelandic samples
accounted for only <0.7 % and <10.5% of SO42- from Fe-driven oxidation in Type
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2 and Type 1, respectively, compared to even lower contributions in Lassen (<4.4
%), Valles (<1.5 %), and Yellowstone (<0.4 %). Nevertheless, there was more
leachable total Fe in the sediments (~500 to 375,000 mg/kg), which in most cases
exceeded the amounts needed to account for the measured quantities of SO42- in
the water column by more than 6 orders of magnitude (Figure 1.15 C). A few
exceptions were found in the sediment samples comprised of gravel (L-1 in
Lassen; Y-2, Y-3, Y-5, Y-6 in Yellowstone) and from the edges of the deeper hot
springs (L-9, Y-1, Y-9, Y-10). Leachable Fe in the sediment supports previous
conclusion using oxygen isotopes that the majority of H2S oxidation may be taking
place within the sediment or at the sediment/water interface. This is also consistent
with field observations of relatively low concentrations of H2S dissolved in the water
(“Field_Chemical_Isotopic_Data.xlsx”), most likely because of fast gas movement
through the water column and lower solubility of gases in higher temperatures.
In addition to Fe, other metals exhibiting multiple oxidation states such as
manganese (Mn) have been shown to facilitate H2S oxidation in terrestrial systems
(e.g. Yao and Millero, 1996; Herszage and dos Santo Afonso, 2003). Mn was
present in the studied sites, thus could be responsible for some H2S oxidation,
particularly in Iceland and Valles which showed highest Mn concentrations in the
sediments (130 to 18,000 mg/kg and 250 to 1,000 mg/kg, respectively). We infer
that its role as an oxidant is likely minor compared to Fe, given significantly higher
concentrations of Fe in the sediments and water column. Interestingly, aluminum
(Al) concentrations were also high in the water column (3,330 mg/L) and sediments
(271,050 mg/kg) of all studied sites. However, little is known whether Al3+ reduction
to Al2+ could oxidize H2S in a manner similar to Fe3+ reduction to Fe2+. In lowtemperature system, Al mainly remains as alumina (Al2O3, Al3+) and it is unclear
whether the same speciation and kinetic reactions apply to hydrothermal systems.
Therefore, more studies would be needed to assess potential role of Al in H2S
oxidation.
Other Plausible Oxidants
Elevated concentrations of ammonium (NH4+) were measured in Lassen (0.1 to 73
ppm), Valles (27 to 478 ppm), Yellowstone (3.75 to 14 ppm) and Námafjall (7.1 to
18 ppm). Previous experiments have shown that ammonia (NH3) is capable of H2S
oxidation to elemental sulfur, (NH4)2SO4 and (NH4)2S2O3, and results in formation
of NH4+ as a byproduct (Chun et al., 1997). Oxidation with NH3 mainly takes place
under higher temperatures and in the presence of a metal oxide (Co3O4) and silica
catalyst (SiO2; Chun et al., 1997). Given that no Co was measured in the water
column and sediments, it is unlikely that this process took place in the studied field
sites. As such, we infer that elevated NH4+ was mainly sourced from volcanic gas
emission and/or underlying sedimentary rocks (Holloway et al., 2011).
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Redundancy Analysis
RDA also supports main conclusion that metals are involved in H2S oxidation to
SO42- (Figure 1.16). The δ18O of water showed positive relationship with Mg, Ca,
total Fe and Mn concentrations in the water column of Icelandic field sites
supporting the previous conclusion about the effect of oxygen isotope exchange
between water and sediment which results in an increasing in δ18O of water. The
low pH of these systems likely enhances chemical weathering and leaching of
metals from the source bedrock material leading to more oxygen isotope exchange
between the water and sediment. The δ18O of SO42- was also positively correlated
with the concentrations of leachable Fe, Mn, and Al in the sediments. This supports
main oxidation of H2S within the sediment in the presence of water with higher
δ18O, more affected by the sediment-water isotope exchange. This was particularly
true for Type 1 and Type 2 mud pots in Iceland. Negative relationship between
δ18O of SO42- and Fe2+/Fe3+ ratio suggests that some of H2S oxidation may be
occurring in the water column and is accompanied by incorporation of lighter 16O
isotopes from water consistent with Fe-driven oxidation (Eq. 4). This might be the
case for several shallow hot springs and ephemeral drainages comprised of gravel
and sand in Lassen and Yellowstone. There was no clear relationship between the
DO concentrations (or ORP) and δ18O of SO42- which agrees with the observed
O2-depleted conditions, indicating less contribution of SO42- with higher δ18O from
the O2-driven oxidation.
Conceptual Model of Fe2+ Oxidation and SO42- Formation
In volcanic rocks, iron is mainly present as Fe2+ in the minerals such as pyroxene,
olivine and magnetite (e.g., Ármannsson et al., 1989). In order to oxidize Fe2+ to
Fe3+, there has to be exposure to atmospheric O2 over some periods of time
(Singer and Stumm, 1970):
Fe2+ + 0.25O2 + H+ ® Fe3+ + 0.5H2O

(5)

Hydrothermal features described here represent open systems with dynamic
exchange of surface and subsurface fluids. Therefore, the hot springs and mud
pots can be directly exposed to atmospheric O2 (Figure 1.17 A-C). This was clear
in Type 1 and the Type 2 shallow ephemeral streambeds that rapid short
transitions from dry to wet conditions. Additionally, several larger mud pots and
thermal pools in Iceland (N-1, N-2, N-4, N-5, K-7), Lassen (L-8) and Yellowstone
(Y-1) also showed evidence of a fluctuating water table exposing their peripheral
parts to air. Under dry conditions, hydrothermal gases are emitted as fumaroles
and oxidation of H2S by atmospheric O2 is sometimes manifested in precipitation
of yellow elemental S around the active, fumarolic vents (e.g., Hynek et al., 2013;
Figure 1.17 A). We recognize that some of this elemental S could be later oxidized
to SO42- during the wet cycle. However, we infer that most of H2S gas is emitted to
the atmosphere during the dry cycle. As the meteoric precipitation or inflow of
groundwater increased, dry hydrothermal features readily transitioned to wet cycle,
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limiting direct exposure of the sediments to air and increasing bubbling of
hydrothermal gases through the newly formed water column.
Given that small concentrations of O2 were present in the hot spring and mud pot
water (Figure 1.4 A), some oxidation of Fe2+ to Fe3+ may occur in the water column
and/or at the air-water interface. However, we propose that significant oxidation of
Fe2+ to Fe3+ mainly takes place during the fumarolic-dry cycle in shallow Type 1
and Type 2 features or in the upper peripheral parts of bigger Type 1 springs
responding to decreasing water table due to larger exposure to air (Figure 1.17 A
and B). As such, transitioning to the dry cycle would be essential for increasing
SO42- contributions from Fe-driven H2S oxidation. As meteoric precipitation or
groundwater influx increases due to changing hydrological conditions (e.g., rain
fall), dry hydrothermal features readily transition to the wet cycle, limiting direct
exposure of the sediments to air. Any Fe2+ that was oxidized to Fe3+ during the dry
cycle can be then readily used for oxidation of H2S to SO42-. Once all of the Fe3+ is
used up during the wet cycle, H2S oxidation is probably limited as atmospheric O2
is not readily available due to higher temperatures (Figure 1.17 C). This is similar
to acid rock drainage sites, where surface oxidation of FeS2 is limited once all Fe3+
is used up and atmospheric O2 is needed to reoxidize Fe2+ for new cycle of sulfide
oxidation to occur (e.g., Nordstrom, 1982; Taylor et al., 1984 a, b; Tichomirowa
and Jungan, 2009, etc.). Note that pyrite (FeS2) oxidation by atmospheric O2 is
orders of magnitudes slower than oxidation of Fe2+ to Fe3+ by O2 (e.g., Heidel and
Tichomirowa, 2010). However, we recognize that in the lower temperature hot
springs (<50°C) some H2S oxidation by atmospheric O2 may occur during wet
cycle because of higher DO concentrations in the water column (Figure 1.6 B).

Implications for Mars
Results from my terrestrial analog study support the potential for oxidation of H2S
to SO42- via Fe3+-driven oxidation with O2 ultimately being the driver of oxidative
conditions. Although Mars likely never had an O2 rich atmosphere (Kral et al.,
2011), these data provide a viable pathway by which some SO42- of hydrothermal
origin may have been formed on Mars (e.g., Gusev Crater). It has been postulated
that hydrogen peroxide (H2O2) or photochemical reactions may have served as
oxidants in the absence of O2-rich atmosphere on Mars (King and McLennan,
2010; Dehouck et al., 2016; Nie et al., 2016). While H2O2 has been detected in
terrestrial hydrothermal systems, its concentrations are relatively low and directly
linked to O2 dissolution from atmosphere (e.g., Melsé et al., 2017). Therefore, in
the lack of O2-rich atmosphere more important oxidants on Mars would be from
photochemical processes. On modern Earth, photochemical oxidation is more
significant in the upper atmosphere compared to surface waters because of UV
ray attenuation and protective ozone layer in the lower atmosphere (e.g., Mobley,
1994; Lee et al., 2013). However, we infer that on Mars in the presence of O2–
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depleted atmosphere the photochemical processes would have dominated
oxidation of Fe2+ to Fe3+ in hydrothermal sites, particularly during dry conditions
(Figure 1.17 D). The latter is supported by experimental studies showing that UV
photo-oxidation of Fe2+ to Fe3+ might have been widespread on early Earth and
Mars due to the lack of an O2-rich atmosphere (Nie et al., 2016). This, in turn, fits
my model of metal-driven oxidation of H2S proposed for the Martian hydrothermal
settings based on the studied analog sites (Figure 1.17 D-F).
Despite much shorter time scales, the episodic nature of hydrothermal water cycle
observed in my analog sites is similar to the episodic water activity speculated for
Mars (e.g., Sagan and Mullen, 1972; Baker et al., 1991; Phillips et al., 2001,
Ehlmann and Edwards, 2014). Terrestrial results suggest that episodic changes in
the wet and dry cycle are important process to enhance oxidation of hydrothermal
H2S to SO42- in volcanic aqueous settings. This cycling is crucial to reoxidize
metals such as Fe during the dry cycle which then can facilitate H2S oxidation to
SO42- during the wet cycle.

Conclusions
The coupled chemical-isotope results from acidic hot springs and mud pots in
Iceland, Lassen, Valles Caldera and Yellowstone suggest that metal-driven
oxidation (mainly Fe and to some extent Mn) appears to be important under acidic
hydrothermal conditions. This agrees with stoichiometric comparisons showing
that under the measured elevated temperatures at the time of sampling there was
significantly more Fe than O2 available in the studied acidic-hydrothermal systems
to form the measured SO42- in all locations. The oxidation process is accompanied
by changes in the oxygen isotopic composition of water (e.g., evaporation, inflow
of meteoric water, sediment-water isotope exchange) leading to a wide variation
of δ18O in hydrothermal SO42-. As a result, the latter does not allow for quantitative
estimation of oxidation pathways (O2- versus Fe-driven) as previously done for
pyrite oxidation.
Alternations between the wet and dry cycle is likely important for enhancing Fedriven oxidation of H2S in hydrothermal settings. This cycling is crucial to reoxidize
Fe2+, initially released from rocks, to Fe3+ during the dry cycle by oxidants present
in the atmosphere (e.g., O2 on Earth, UV radiation on Mars), which then can
facilitate H2S oxidation to SO42- via Fe3+ reduction to Fe2+ during the wet cycle.
This provides a new understanding of the mechanism by which H2S could have
been oxidized to SO42- in the O2-depleted environment when Mars had
experienced periods of wet and dry conditions during the Noachian and Hesperian.
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Figures

Figure 1.1. A and B - Locations of water and sediment sampling points in Iceland, Lassen in
California (CA), Valles Caldera in New Mexico (NM), and Yellowstone in Wyoming (WY). C and D
- Field pictures with examples of Type 1, Type 2, and Type 3 sampling locations in Iceland (C) and
Lassen (D). The dashed lines on D show approximate shape of ephemeral drainages active during
the field sampling.
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Figure 1.2. A - Locations of water and sediment sampling points in Iceland. N is Námafjall, K is
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Figure 1.4. Box and whisker plot of the in situ measurements in the water column: A – Dissolved
Oxygen (DO). B – Oxidation Reduction Potential (ORP). C – pH. D – Temperature.
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Figure 1.5. Variations of SO42- and S2O32- concentrations relative to ORP, pH, and DO in the water
column of acidic hot springs, mud pots, and streams.
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Figure 1.6. Variations of dissolved oxygen (DO) relative to oxidation-redox potential (ORP) (A) and
temperature (B) in the water column of acidic hot springs, mud pots, and streams.
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Figure 1.7. Piper diagram showing variations of water chemistry in all studied locations.
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Figure 1.8. Box and whisker plot of the δ18O of water (A) and sulfate (B) and ∆18OSO4-H2O (C) in the
water column (solid boxes) and sediment pore water (open boxes) of acidic hot springs and mud
pots.
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Figure 1.9. Eh versus pH in the water column of acidic hot springs, mud pots, and streams.
Representative fields for natural water bodies (A) and iron and sulfur species (B) are presented
after Garrels and Christ (1965) and Chander (1984), respectively.
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Figure 1.10. Variations of δ18O versus δ34S of dissolved SO42- in the water column of all studied
locations. Representative fields of S sources and oxidation mechanisms for hydrothermal ore
mineralization (in grey) are presented after Rye (2005) and typical SO42- endmembers in low
temperature systems after Krouse and Grinenko (1991), respectively.
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Figure 1.11. δ18O of water column versus δ18O of SO42- in Iceland (A) and United States (B). The
fields represent the theoretical δ18O of SO42- derived from 100 % oxidation by atmospheric O2
(yellow), O2-driven oxidation (blue) and Fe-driven oxidation (gray) of sulfide minerals (after Balci et
al., 2007).
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Figure 1.12. Concentrations of Fe, Mn and Al versus SO42- concentration in the water column (AC) and sediment (D-E).
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Figure 1.13. Isotope composition of water in the acidic hot springs, mud pots, and streams. Black
line marks the Global Meteoric Water Line (GMWL). Black arrows show identified trends of
evaporation and water-rock interaction in individual locations.
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Figure 1.14. Variations of δ18O of SO4 versus ∆18OSO4-H2O (A) and δ18O of water versus ∆18OSO4-H2O
(B) plotted based on water type.
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Figure 1.15. Box and whisker plot of the potential percentages of SO42- contributions from O2-driven
oxidation in the water column (A) compared to Fe-driven oxidation in the water column (B) and
sediment (C) at the time of sampling using stoichiometric relationships (Equations 1-4). The results
for Type 1 water are in solid boxes and Type 2 water in open boxes.
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Figure 1.16. Redundancy analysis for water and sediment samples in the acidic hot springs, mud
pots, and streams. Red lines indicate response variables and black lines indicate predictor
variables. The RDA biplot scores for each explanatory variable are presented in Table 1.
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Figure 1.17. Conceptual model of H2S oxidation on Earth and Mars with simplified equations and
oxidation reactions. A – Fumarolic dry cycle on Earth. Most H2S dissipates into the atmosphere.
Minor H2S is oxidized to elemental S (S0) by atmospheric O2. Fe2+ reoxidation occurs by
atmospheric O2 in exposed sediments. B – Transition between wet and fumarolic dry cycle on
Earth. C – Wet cycle on Earth. Oxidation of H2S by Fe-driven oxidation in sediment and water
column. Minor amount of H2S oxidation to SO42- by atmospheric O2 may occur at the water-interface
with lower temperature. Some Fe2+ reoxidation may also occur near surface by atmospheric O2. D
– Fumarolic dry cycle on Mars. Most H2S dissipates into the atmosphere. Fe2+ reoxidation occurs
by UV radiation in exposed sediments. E – Transition between wet and fumarolic dry cycle on Mars.
F – Wet cycle on Mars. Oxidation of H2S by Fe-driven oxidation in sediment and water column.
Minimal H2S oxidation due to attenuation of UV rays at the water-interface.
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Tables
Table 1.1. Results for the RDA biplot scores for each explanatory variable and axis. Note that
scores are not graphically scaled as those shown in Figure 16.
Explanatory Variable
Temperature
DO
ORP
SO4 (water)
Mg (water)
Ca (water)
Total Fe (water)
Mn (water)
Al (water)
Al (sediment)
Total Fe (sediment)
Mn (sediment)
Fe2+/Fe3+ (water)

RDA 1

RDA 2
-0.16
-0.08
-0.33
-0.25
-0.84
-0.72
-0.46
-0.53
-0.17
-0.64
-0.64
-0.69
0.17
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RDA 3
0.11
-0.33
-0.49
-0.03
0.20
0.34
-0.28
-0.05
0.01
0.36
0.45
0.50
-0.38

-0.22
-0.24
0.43
0.52
0.15
0.05
0.32
0.05
0.18
-0.44
-0.01
-0.09
0.22

CHAPTER TWO : OXYGEN ISOTOPE EXCHANGE BETWEEN
SULFATE/SULFITE AND WATER UNDER LOW PH AND
HYDROTHERMAL CONDITIONS
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Abstract
Oxygen isotopes have been used to study the oxidation mechanisms of reduced
sulfur in surface aqueous environments. However, a variety of sulfur intermediates
(e.g., sulfoxyanions such as SO32- [sulfite] and SO2 [sulfur dioxide]) form during this
process. Rapid oxygen isotope exchange between the sulfoxyanions and water
results in changes in δ18O [oxygen isotope composition]. Previous studies have
focused on isotope exchange in low-temperature and neutral pH, yet little is known
whether similar oxygen isotope fractionations between SO42-, sulfoxyanions, and
water occur under acidic hydrothermal conditions. Here, I experimentally
determine the magnitude of oxygen isotope exchange between SO32- and water
as well as SO42- and water at low pH < [less than] 2 and elevated temperatures of
50 to 90°C [degrees Celsius]. The results show that a measurable oxygen isotope
exchange between both SO42-, SO32-, and water takes place under the simulated
hydrothermal conditions. However, this exchange is relatively slow between SO42and water, with incomplete exchange (<60 % [percent]) occurring over a period of
210 days. In contrast, oxygen isotope exchange was relatively fast (e.g., <1-2
days) between SO32- and water as observed in previous low-temperature
experimental studies. Although enrichment in 18O isotopes occurs in both SO42and SO32- under hydrothermal conditions, such isotopic fractionations cannot be
easily distinguished from other isotopic fractionations associated with Fe [iron]and/or O2 [oxygen]-driven oxidation of hydrogen sulfide to SO42-.

Introduction
Oxygen isotopes have proved to be useful tracers for studying oxidation
mechanisms of sulfide minerals to sulfate (SO42-) in low temperature surface
environments (e.g., Moses et al., 1987; Descostes et al., 2004; Balci et al., 2007;
Pisapia et al., 2007; Brunner et al., 2008; Hubbard et al., 2009; Tichomirowa and
Junghans, 2009). Two main oxidation pathways have been identified: 1) oxidation
by atmospheric O2, and 2) oxidation by ferric iron (Fe3+) reduction, which lead to
distinctive oxygen isotope composition (δ18O) of SO42- (e.g., Kroopnick and Craig,
1972). Generally, larger oxygen isotope fractionations have been observed
between O2 and SO42- (~9.8 ‰) and smaller fractionations between water and
SO42- during Fe-driven oxidation (~0-4 ‰; e.g., Balci et al., 2007). More recent
studies by Kohl and Bao (2011), Wankel et al. (2014), and Müller et al. (2013 a, b)
suggest that our traditional view of oxygen isotope fractionations during sulfide
oxidation might be inaccurate because of additional equilibrium isotope effects
between sulfur intermediates and water.
Equilibrium isotope effects are linked to isotope exchange processes controlled by
temperature, in which isotopes of a single element are exchanged between two
substances (e.g., Sharp, 2017). Sulfur is known to form a variety of intermediate
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species in aqueous solutions such as sulfoxyanions, which readily exchange
oxygen isotopes with water. During this process, the sulfur intermediates get
enriched in 18O relative to water leading to increases of δ18O in oxidized sulfur
species (e.g., Lloyd, 1968; Betts and Voss, 1970; Horner and Connick, 2003; Kohl
and Bao, 2011; Wankel et al., 2014). Although SO42- does not easily exchange
oxygen isotopes under neutral pH and room temperature (e.g., thousands to
millions of years; Lloyd, 1968), at higher temperatures (>140°C) and under low pH,
this exchange may also occur on time scales fast enough (e.g., days to years) to
affect the δ18O of SO42- (Lloyd, 1968).
Recent oxygen isotope investigation in acidic-hydrothermal mud pods and hot
springs from Iceland and United States (Chapter 1) suggests that Fe-driven
oxidation might be the dominant oxidation pathway of H2S to SO42- with only minor
contributions from O2 oxidation (Ende et al., in review). As such similar oxygen
isotope fractionations may be occurring during oxidation of hydrothermal H2S to
SO42- as previously described for Fe-driven oxidation of sulfide minerals. A number
of samples from Ende et al. (in review) showed both higher and lower δ18O of SO42compared to theoretical estimates of δ18O from Fe-driven oxidation, which cannot
be simply explained by O2-driven oxidation. This suggests that there might be
additional effects that alter the δ18O of water after SO42- formation. In addition,
equilibrium isotope effects related to temperature-dependent oxygen isotope
exchange between sulfoxyanions and water may be shifting the isotopic
composition of SO42-.
The main goal of this paper is to address equilibrium isotope effects between water
and SO42-, as well as between water and SO32-, under simulated hydrothermal
conditions. For both SO42- and SO32-, the oxygen isotope exchange has been
previously measured at room temperatures (below <50°C) and at temperatures
above >90°C but no studies have determined the rate of this exchange at the
temperature range of >50 to 90°C common to many hydrothermal field sites (Ende
et al, in review). In addition, with the exception of Müller et al. (2013 a, b) no
comparable experiments are available for pH and temperature ranges similar to
that of the field sites (pH <3). A series of experiments were conducted to determine
the magnitude of oxygen isotope exchange between SO42-/SO32- and water under
low pH 2 and elevated temperatures (50 to 90°C) to reflect surface conditions
similar to a variety of acidic hydrothermal systems in Iceland and United States
(Ende et al., in review). Results are compared to previous studies and an
assessment is made regarding the effect of oxygen isotope exchange on δ18O of
SO42- measured in the investigated hydrothermal sites.
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Background
Mechanisms of Sulfide Oxidation
On Earth, pyrite oxidation occurs via two pathways using either dissolved
atmospheric O2 or ferric iron (Fe3+) as the electron acceptor (Singer and Stumm,
1970). Fe3+, in turn, is formed as a result of ferrous iron (Fe2+) oxidation by
atmospheric O2 in near surface aqueous environments (Singer and Stumm, 1970):
FeS2 + 3.5O2 + H2O ® Fe3+ + 2SO42- + 2H+
FeS2 + 14Fe3+ + 8H2O ® 15Fe2+ + 2SO42- + 16H+
Fe2+ + 0.25O2 + H+ ® Fe3+ + 0.5H2O

(1)
(2)
(3)

Equations 2 and 3 are simplified representations of the reactions that occur in
nature. Oxidation of sulfide (e.g., FeS2, HS-, S2-, etc.) to SO42- is accompanied by
several (7) steps of electron transfer that involve formation of various sulfur
intermediates such as dissolved elemental sulfur (S0), polysulfides (Sx2-),
polythionates (SxO62-), thiosulfate (S2O32-), and sulfite (SO32-; Avrhami and
Golding, 1968; Chen and Morris, 1972; Cline and Richards, 1969; O’Brien and
Birkner, 1977). Under different pH these intermediates can form a variety of
isomers (Figure 2.1). For example, at pH >3 SO32- can be present as HSO3- and
S2O52-, and at pH <3 aqueous (dissolved) SO2 is more dominant (Müller et al.,
2013). The presence of various sulfur intermediates likely results from sluggish
electron transfer during oxidation, wherein only one to two electrons are
transferred per oxidation step (Basolo and Pearson, 1967).
Oxidation of pyrite via Fe3+ reduction (Equation 2) is known to occur readily in acid
mine drainage sites enriched in sulfide minerals (e.g., Nordstrom et al., 2007)
where Fe3+ serves as electron acceptor, even under oxic surface conditions
(Taylor et al., 1984 a, b; Balci et al., 2007). When Fe3+ serves as the oxidant
(Equation 2), oxygen from water molecules is incorporated into the SO42-, yielding
more negative δ18O values of SO42-, similar to δ18O of ambient water (<-5 ‰; e.g.
Taylor et al., 1984; Moses et al., 1987; Heidel and Tichomirowa, 2010). In contrast,
SO42- formed by atmospheric O2 oxidation (Equation 1) results in more positive
δ18O values of SO42- because the δ18O of atmospheric O2 is relatively high (+23.5
‰; e.g., Heidel and Tichomirowa, 2010).
There are no similar isotopic studies on oxidation of H2S to SO42- in hydrothermal
systems. However, Ende et al. (in review) argue that oxygen isotope fractionations
would be similar as observed for sulfide minerals given the similar electron transfer
and sulfur intermediates participating in the oxidation of H2S.
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Oxygen Isotope Exchange Between SO42- and Water
The oxygen isotope exchange rates between water and SO42- are relatively slow
at room temperatures (25°C), with isotope equilibrium half-time reached between
103 to 105 years (Lloyd, 1968). Recently, Tichomirowa and Junghans (2009)
showed that this exchange is also relatively slow at 50°C (> 5 years). However,
oxygen isotope exchange may occur at even shorter times scales (e.g., Lloyd,
1968; Mizutani and Rafter, 1969; Mizutani, 1972) at elevated temperatures
(>70°C). According to early laboratory experiments (e.g., Lloyd, 1968; Mizutani
and Rafter, 1969; Mizutani, 1972), at temperatures of 72.5 to 100 °C and pH of 3.8
the SO42- becomes enriched in 18O by 16.7 to 22.7 ‰ compared to water (Table
2.1). In contrast, at higher temperatures (132 to 348°C) and higher pH (7 to 9), the
isotope fractionations are smaller, resulting in SO42- enriched in 18O isotopes by
3.4 to 13.8 ‰ compared to water (Lloyd, 1968). This is consistent with later findings
suggesting that oxygen isotope exchange is faster at lower pH and yields larger
fractionations at lower temperatures (e.g., Mizutani and Rafter, 1969; Mizutani,
1972).
Based on the apparent temperature dependency of oxygen isotope exchange
between SO42- and water, McKenzie and Truesdell (1977) used the δ18O of SO42and water as a geothermometer for geothermal systems with temperatures
between 140 and 350°C. While previous estimates of oxygen isotope exchange
between SO42- and water is suggested to be rapid under geothermal conditions
(Lloyd, 1968; Mizutani and Rafter, 1969; Mizutani, 1972), the measured isotope
exchange rate was still sufficiently slow and did not affect the δ18O of SO42- of
geothermal waters. Consequently, it is unclear whether the oxygen isotope
exchange would be fast enough to alter the δ18O of SO42- measured in the
hydrothermal sites from Iceland and United States with lower temperatures of 50
to 90°C (Ende et al., in review).
Oxygen Isotope Exchange Between SO32- and Water
Many sulfur intermediates form during oxidation of sulfide to SO42- with SO32- being
the last important intermediate. In contrast to SO42-, sulfite (SO32-) rapidly
exchanges oxygen isotopes with water (e.g., Betts and Voss, 1970; Tsunogai,
1971; Moses et al., 1987; Zhang and Millero, 1991; Horner and Connick, 2003;
Kohl and Bao, 2011). This leads to δ18O of SO42- enriched in 18O isotopes
compared to water. The rate at which the exchange occurs is dependent upon the
sulfur intermediate (e.g., S2O32-, SO32-, SO42-, etc.) participating in the exchange
as well as the temperature and pH conditions. Under low pH (<4.5) and room
temperature, the exchange is so fast (e.g., seconds) that it is difficult to determine
experimentally (Betts and Voss, 1970; Horner and Connick, 2003; Kohl and Bao,
2011; Wankel et al., 2014). In contrast, at higher pH (~10.5) complete exchange is
slower, yet usually occurs within ~50 hours (Betts and Voss, 1970; Horner and
Connick, 2003; Kohl and Bao, 2011; Wankel et al., 2014).
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Different isomers of SO32- can form depending on the pH (e.g., HSO32-, H2SO3,
S2O52-, etc.) and the exchange process reflects the oxygen isotope fractionations
between water and all SO32- isomers present at the given pH and temperature
(Müller et al., 2013 a; Wankel et al., 2014). In lower temperatures (<50°C) and
higher pH (9.7), large isotope fractionations have been measured between SO32and water (10 to 15 ‰; Müller et al., 2013 a, b). Conversely, smaller isotope
fractionation of ~4 ‰ has been observed in higher temperatures (95°C) and higher
pH (4.5-7.2; Wankel et al., 2014). However, there are no studies assessing this
process for temperature range of 50-90°C and lower pH of <3 observed in the
acidic hydrothermal systems from Iceland and United States (Ende et al., in
review).
Even if complete oxygen isotope exchange between SO32- and water occurs, only
75% of the δ18O in a final SO42- molecule would be reflective of this equilibrium
process. Conversely, the remaining 25 % would be related to kinetic isotope
fractionations during oxidation of SO32- to SO42-. For example, at room temperature
the SO42- becomes enriched in 16O isotopes by 5.4 to 9.7 ‰ compared to SO32during oxidation by atmospheric O2 and by 5.8 ‰ during Fe-driven oxidation (Table
2.2; Müller et al. 2013). Consequently, the last oxidation step results in lower δ18O
of SO42- compared to the δ18O of SO32-.

Analytical Instrumentation
All isotopic and chemical analyses were performed in the Stable Isotope
Laboratory in the Department of Earth and Planetary Sciences at the University of
Tennessee, Knoxville.
Vernier Software and Technology Probes
Vernier Software and Technology probes were used to measure dissolved oxygen
(DO) and pH. Analytical precision for DO probe is ±0.1 to 0.2 mg/L and ±0.01 units
for pH.
Ion Chromatography
Anions (e.g., SO42-, SO32-) were measured on an ICS-2100 ion chromatograph.
The obtained results were calibrated using the Inorganic Ventures standards IVSTOCK-7 and IV-STOCK-59, respectively. The analytical precision was ±5 %.
Gas Chromatography-Mass Spectrometer
A Gas Chromatograph 6890A Thermo-Finnigan GC-Combustion III coupled with
an Agilent Technologies 5975B inert XL MSD was used to measure concentrations
of O2, H2S, SO2, CO2, N2, and H2O dissolved in water or present in the headspace.
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A Hamilton syringe was used to inject gases into the GC-MS for analysis. The
analytical precision was ± 17 %.
Los Gatos Water Analyzer
The Los Gatos Research DLT-100 was used to measure the oxygen isotope
composition (δ18O) of water. The results were calibrated against international
standards V-SMOW and SLAP and analytical precision was ±0.2 ‰. The δ18O of
water results are reported relative to V-SMOW.
Isotope Ratio Mass Spectrometer
For δ18O analysis of SO42-/SO32-, between 0.150 and 0.250 mg of BaSO4, CdSO3,
or AgSO3 was added to silver capsules with 0.2 mg of NaF for ionization and
analyzed on the Thermo Finnigan TC/EA coupled with a Delta Plus XL IRMS.
Results were calibrated against international standards IAEA-SO-5 and IAEA-SO6. Analytical precision was ±0.3 ‰. The δ18O of SO42-/SO32- results are reported
relative to V-SMOW.

Experimental Design: Leak Testing of Glass Containers
Majority of experiments were designed to determine oxygen isotope fractionations
under anoxic conditions, thus it was crucial that the glass containers used in the
experiments did not leak, allowing for addition of atmospheric air. Various types of
glass containers were tested to ensure that they maintained oxygen (O2)-free
conditions:
•
•
•
•

50 mL serum bottles with butyl rubber septa and aluminum caps:
o with additional rubber sealant on top of the bottle;
o with additional silicon sealant on top of the bottle;
42 mL glass vials with 12.37 by 2.62 mm gage O-rings surrounding a
butyl rubber septum;
42 mL glass vials with silicon septa and additional butyl rubber septa
on top of the vial and metal cage to ensure tight seal;
12 mL glass gas bench vials with butyl rubber septa.

Experiments were designed to match the range of temperatures reported in the
acidic hydrothermal sites in Iceland and United States (50 to 90°C; Ende et al., in
review). Despite the additional sealant, atmospheric O2 leaked into the serum
bottles under higher temperatures (90°C). In contrast, the 42 mL glass vials were
airtight under room temperature conditions but allow permeation of atmospheric
air at higher temperatures (90°C). Therefore, metal cages were built to prevent the
air permeation into the vials. Metal cages were comprised of two 2½’’ zinc mending
braces attached with 4 metal screws and washers. The two metal plates were
affixed on either end of the 42 mL vial (see Figure 2.2 A). An additional butyl rubber
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septum was placed between the silicon septum and the metal plate. Afterward, the
metal plate was tightened fully so that the rubber septum was pressing onto the
silicon septa; this ensured the airtight seal and helped prevent leaking and air
permeation under high temperatures.
Additional vials tested were 12 mL gas bench vials (Figure 2.2 B), which are
routinely used for carbon and nitrogen isotope analysis and have been shown to
be airtight over time frames of weeks to several months. Because SO32- oxidizes
quickly to SO42- when exposed to atmospheric O2 (see Table 2.1; Betts and Voss,
1970; Tsunogai, 1971; Moses et al., 1987; Zhang and Millero, 1991; Horner and
Connick, 2003; Kohl and Bao, 2011), it was crucial that the vials did not leak over
time. Another benefit of using gas bench vials is their smaller volume which
allowed for faster removal of atmospheric air from the vials and decreased the
setup time for the experiments.
Ultimately, two types of glass containers were selected for the experiments:
1. 42 mL glass vials with silicon septa, additional butyl rubber septum on
top of the bottle and metal cage to ensure tight seal;
2. 12 mL gas bench vials with butyl rubber septa.
Initially, the 42 mL vials were used to determine the fractionations during oxygen
isotope exchange between SO42- and water and for one set of experiments
investigating the oxygen isotope exchange between SO32- and water (e.g.,
precipitation of SO32- to CdSO3). However, in subsequent experiments they were
replaced with 12 mL gas bench vials, which did not leak air over the course of
several months, and, therefore, did not require metal cages.

Removal of O2 from Experimental Setup (Experiment A)
Because some experiments were performed under anoxic conditions, initial tests
were conducted to determine how to best remove air. Two methods were tested
1) boiling and 2) flushing with nitrogen (N2) gas.
Boiling (Experiment A1)
The results for boiling experiments are presented in Table 2.3 and Figures 2.3 A
and 2.3 B. Initially, it was assumed that boiling DI water in an open flat bottom
beaker would remove all dissolved atmospheric O2, as its solubility decreases with
increasing temperatures (Geng and Duan, 2010). Therefore, 215 mL of water was
boiled on a hot plate for 4 hours. The concentrations of dissolved O2 were
measured using a YSI 556 multi-probe meter after transferring the boiled water
into a 60 mL measuring container. Cooling of DI water was necessary because the
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YSI probe cannot be used in temperatures higher than 75°C. Boiling did not
remove all dissolved O2, and its concentrations remained at ~1 mg/L (Table 2.3,
Figure 2.3 A). However, it is also possible that both cooling and transfer of boiled
water into the YSI measuring cup might have enhanced dissolution of O2 from air.
The latter was confirmed by boiling of another portion of DI-water which was then
left on a lab counter to determine how quickly the atmospheric O2 may dissolve in
the DI water while cooling back to room temperature (Table 2.3). It was determined
that ~2 mg/L of O2 would dissolve over the course of 4.5 hours at room
temperature. While this is rather slow, the measured O2 concentrations were, in
most of cases, higher than in the acidic hydrothermal mud pots and hot springs
(Ende et al., in review).
Flushing with Nitrogen (N2) gas (Experiment A2)
The second method that was tested to remove dissolved O2 from DI water was
flushing with N2 gas at various pressures and durations depending on the volume
of water and the headspace (Table 2.3, Figure 2.3 B). Flushing allows N2 gas to
displace the O2 (and other atmospheric gases of natural origin) dissolved in the
deionized water and present in the headspace of the vial. Consequently, this
process is the most common reported method to remove dissolved O2 from water
(e.g., Chen and Morris 1972 a; Hoffman, 1977; Nielsen et al, 2003).
Based on previous studies (e.g., Chen and Morris, 1972 a; Nielsen et al., 2003;
Yang et al., 2005) and my own testing, the following times and pressures were
used to flush experimental vials: 1) 42 mL vials filled with water were flushed for at
least one hour at a pressure of 4 psi, 2) empty 12 mL gas bench vials flushed for
at least 10 minutes at 4 psi, and 3) 12 mL gas bench vials filled with water flushed
for at least 30 minutes at 4 psi. While higher N2 pressure would decrease the time
needed to flush the vials, it also caused more of the water to be lost through the
venting needle. Therefore, the pressure of 4 psi was chosen as the ideal pressure
for effective flushing of experimental vials with N2 gas using a 1.25-inch, 23-gauge
needle.

Oxygen Isotope Exchange Between SO42- and Water (Experiment
B)
In this experiment, 34.5 μL of 95 % 18O-enriched water was mixed with 80 mL of
ultra-pure deionized water to obtain water solution with δ18O of +200 ‰. Afterward,
44.75 μL of Arcos Organic brand H2SO4 with known δ18O value (+11.6 ‰) was
added to the isotopically enriched water solution in order to decrease pH to 2 and
provide dissolved SO42- ions for oxygen isotope exchange with water. Next, 20 mL
of this solution was added into four 42 mL glass vials, which were sealed with butyl
rubber septa and 12.37 by 2.62 mm gauge O-ring to keep them airtight. In the end,
the vials were flushed for 1 hour with N2 gas to remove atmospheric O2. The
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headspace of the vials was analyzed on GC-MS to verify that all atmospheric O2
was removed. An additional silicon septum was placed on top of each vial to
reduce exposure to air and the vials were sealed in metal cages, which pushed the
additional septa down against the cap (see Figure 2.2 A). Similar exchange
experiment was done using isotopically light DI water with the δ18O value of -5.8
‰, which was more comparable to the studied hydrothermal sites in Iceland and
United States. Given that previous studies already determined fractionations for
oxygen isotope exchange at 25, 50, 72, and 74°C (Lloyd, 1968; Mizutani and
Rafter, 1969; Mizutani, 1972), the vials were then placed in a Fisher Scientific
Isotemp Oven at 90°C.
The sampling time intervals were 28, 56, 69, and 210 days for the set of
experimental vials with isotopically heavy water and 1, 7, 30, 60 and 90 days for
the vials with light DI water. On each sampling day, the vial was removed from the
oven and allowed to cool to room temperature. The cooling was rapid enough that
there should have been no significant exchange between SO42- and water taking
place. Afterward, 50 µL of the headspace gas was removed with a Hamilton
syringe for analysis via GC-MS to determine if atmospheric O2 had leaked into the
vials. No significant leaking was observed. While O2 concentrations were below
detection for first 28 days, there was slight but consistent increase of O2 from 0.09
mg/L on day 56, 0.14 mg/L on day 69 to 0.41 mg/L on day 210. Surprisingly, this
was accompanied by increases of CO2 concentrations from 0.30, 0.45, 0.62 and
0.72 mg/L, respectively. Given that CO2 concentrations measured in the
experiment were much larger than CO2 in air, but O2 was in much lower
concentrations in the headspace than CO2, it is likely that headspace composition
reflected the reaction between acid vapors and the butyl rubber septa to form the
CO2 present in the experiment. The initial pH of the experimental solution was 1.99
and increased slightly to 2.35 during the experiment. This may be partially due to
CO2 dissolution into the experimental setup; however, it was assumed that this
small amount of CO2 would not significantly affect the δ18O of SO42-.
After GC-MS analysis, the vial was opened, and 1 mL of water solution was
removed for analyses of δ18O of water and SO42- concentrations. An additional 1
mL of water was saved for duplicate analyses, if needed. Next, the pH of solution
was measured using a YSI multimeter. Before precipitation of dissolved SO42- to
BaSO4 for δ18O analysis, the sample with isotopically heavy water was diluted with
an additional 10 mL of ultra-pure deionized water to avoid trapping of water
molecules in the BaSO4 crystal lattice. The latter may occur at high SO42concentrations and usually leads to changes of δ18O of SO42- (Hannon et al., 2008).
Once diluted, 4 mL of 10 % J. T. Baker brand BaCl2 was added to the vial to
precipitate the dissolved SO42- as BaSO4 and allowed to settle it overnight. The
following day, an additional drop of BaCl2 was added to ensure full precipitation of
BaSO4. Afterward, the BaSO4 precipitate was rinsed with DI-water three times and
dried at 60°C. Once dried, the BaSO4 was used for δ18O analysis.
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Oxygen Isotope Exchange Between Water and SO32(Experiments C, D, and E)
Prior to oxygen isotope exchange experiments between SO32- and water, 2 L of
ultra-pure DI-water (18.2 Ωm), filtered through a Thermo Scientific Barndstead
Water Purification Setup, was collected into a glass container and used in all
experiments. This water was also used to make all chemical reagents in order to
ensure that the δ18O of initial SO32- and water was not altered when adding the
Alfa Aesar brand CdCl2, J.T. Baker brand BaCl2, or Arcos Organics brand AgF to
precipitate SO32- to CdSO3, BaSO3 and AgSO3, respectively.
Reagents Used to Precipitate Dissolved SO32Similar to previous studies (e.g., Müller et al., 2013 a, b; Wankel et al., 2014),
Na2SO3 salt was used as a source of dissolved SO32- (e.g., Arcos Organics ≥ 98
%). However, the IC analysis of the initial solution with dissolved Na2SO3 salt
showed that ~5 to 10 % of SO42- was also present (Table 2.4) suggesting that
some of the Na2SO3 had already oxidized to Na2SO4. Most likely, this occurred in
the storage container and/or during preparation of experimental solution. The
Na2SO3 salt was not stored in anoxic condition by the Arcos Organics
manufacturer, allowing for potential oxidation of Na2SO3 to Na2SO4 before the
experiment had even begun.
Previous studies used BaCl2 to precipitate SO32- (e.g., Müller et al., 2013 a, b;
Wankel et al., 2014), presumably assuming that no SO42- was present in their
experiments. However, BaCl2 is known to react with both SO32- and SO42- leading
to precipitation of both BaSO3 and BaSO4. To avoid co-precipitation of BaSO3 and
BaSO4 in the experiments, I selected reagents that would only precipitate SO32allowing the SO42- to remain in the solution. This was crucial because if any SO42co-precipitated with SO32-, then the δ18O would reflect ~5 to 10 % of SO32- that has
already undergone oxidation to SO42- by O2 (e.g., in storage container) and 90 to
95 % of SO32- that has exchanged oxygen isotopes with experimental water. Note
that these processes are accompanied by different isotope fractionations (see
more details in Tables 2.1 and 2.2). Therefore, we used the known solubility of
SO32- to determine what concentrations of other cations (e.g., Cd, Ag) should be
used to precipitate SO32– out of solution. According to thermodynamics law,
cadmium (Cd) can be used to precipitate SO32- to CdSO3 because it does not react
with SO42- ions. The most common form of Cd used for precipitation of Cd salts is
CdCl2. In addition, at low SO42- concentrations silver (Ag) can also precipitate SO32to Ag2SO3 and it does not involve precipitation of SO42-. Ag is manufactured in a
variety of different salts, with AgNO3 and AgF the most common. For these
experiments, the AgF salt was used rather than AgNO3 because NO3- has been
shown to affect δ18O analysis of SO42- due to a different δ18O of AgNO3 and
possible incorporation of NO3- into the precipitate (Hannon et al., 2008).
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Isotope Exchange and Precipitation of CdSO3 using CdCl2 (Experiment C)
Firstly, 167.5 μL of Fisher brand HCl was added to 200 mL of ultra-pure DI water
to acidify the experimental solution to pH of 2. Next, 100 mg of Na2SO3 was
dissolved in 20 mL of this solution. The vials were sealed with butyl rubber septa
with an additional O-ring and flushed with N2 gas to remove all atmospheric O2.
However, it was later determined that during the flushing a majority of SO32- was
likely removed from the bottle because under low pH the SO32- transitions readily
to SO2 gas (e.g., Müller et al., 2013 a). As such, if water with SO2(g) is flushed with
N2 gas through a needle deep in the solution, it would remove significant amounts
of both SO2(g) and SO32-(aq) originated from dissolution of the NaSO3 salt. Therefore,
it was assumed that only a small amount of SO32- might have remained in the
experimental containers after flushing.
The vials were sealed and left on the lab counter for 2, 4, 7, 9, and 12 days at room
temperature. Additionally, eight more vials were placed in the oven at 50°C and
90°C and sampled after 2, 3, and 6 days. Upon sampling, 4 mL of 10 % CdCl2 was
injected directly into the glass vials through the septa to avoid contamination by
air, which could potentially enhance oxidation of SO32- to SO42-. For the samples
at 50°C and 90°C, the vials were allowed to cool before CdCl2 was injected. This
cooling might have allowed for potential equilibration of SO32- and water at lower
temperature. Afterward, the solution was left to react with CdCl2 overnight.
The resulting CdSO3 precipitate was present in a variety of hydration states. This
was noted as different vials had precipitate floating at different heights, indicating
different densities of precipitates within the solution. Previous studies have
indicated that there are at least four different hydration states for CdSO3:
CdSO3•0.5H2O, CdSO3•1H2O, CdSO3•1.5H2O, and CdSO3•2H2O (e.g., Lutz and
Suradi, 1976). Consequently, these varying hydration states would affect the
measured δ18O of CdSO3. Therefore, it was important to remove the hydration
water before δ18O analysis of CdSO3. Lutz and Suradi (1976) determined that
dehydration is successful at temperature range of 115°C to 200°C. Above 200°C,
the mineral structure of CdSO3 breaks down further and S would be lost.
I conducted a time series experiment and determined that at 172°C the samples
would need to be heated for a minimum of 1 hour to dehydrate the CdSO3
precipitate (see Table 2.5 and Figure 2.4). This was determined by weighing
samples before and after to determine the amount of water loss. However, this
method did not yield a sufficient quantity of CdSO3 to verify the hydration state
using XRD analysis, likely because of SO32- loss as SO2 during flushing. Therefore,
it was difficult to estimate whether all hydration water was removed prior to δ18O
analysis of CdSO3. Consequently, the reported δ18O results may be affected to
some degree by the presence of hydration water in the obtained CdSO3
precipitates. In addition, heating of CdSO3 may have allowed for evaporation
which, in turn, would isotopically enrich the dehydration water.
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Isotope Exchange and Precipitation of AgSO3 using AgF (Experiment D)
Because of the challenges with precipitation of SO32- to CdSO3, a separate set of
experiments were done using silver fluoride (AgF) to precipitate SO32- as Ag2SO3.
Since Ag can also react with SO42-, a variety of AgF concentrations were tested to
determine what concentration would be needed to precipitate Ag2SO3 and avoid
precipitation of Ag2SO4 (Table 2.6). Ag2SO3 is less soluble than Ag2SO4 and
therefore should precipitate out of solution first. This was further established by
measuring both SO32- and SO42- on the IC before and after adding AgF (Table 2.4).
From this testing, it was determined that 0.5 mol/L concentration of AgF was ideal
for precipitation of Ag2SO3 under the acidic experimental conditions (pH=2).
Therefore, 6.6605 g of Arcos Organics brand silver(I) fluoride (AgF) was mixed
with 105 mL ultra-pure DI water to make 0.5 M solution. Subsequently, this solution
was flushed with N2 gas to remove atmospheric O2 prior to experiments.
For this set of experiments, the 12 mL gas bench vials were used because their
smaller volume allow quicker setup and fewer issues with air permeation. 5 mg of
Na2SO3 was added to an empty gas bench vial and flushed with N2 gas for 10
minutes to remove air (including O2) from the headspace before adding acidified
water. This was done to ensure that SO32- was not removed as SO2 gas under
acidic conditions which was an unaccounted-for issue in the experiments with
precipitation of CdSO3. However, it should be noted that SO2 was likely still forming
and effectively removing SO32- from solution.
Because dissolution of Na2SO3 involves a simultaneous increase of pH, the
starting pH of the water needed to be 1.79 to assure the pH remained 2. Water
was acidified to pH of 1.79 with Fisher brand HCl and 10 mL of water was added
to a 12 mL gas bench vial and flushed with N2 for 30 minutes at 4 psi. After flushing,
the water was heated up to 25°C on a Thermo-Scientific Gas Bench (II). Afterward,
5 mL of this water was transferred to already flushed 12 mL vials containing 5 mg
of Na2SO3 and shaken until all Na2SO3 was dissolved. The vials were then returned
to the gas bench and kept at 25°C for 30 seconds, 1 minute, 5 minutes, 10 minutes,
1 hour, 2 hours, and 5 hours.
In order to precipitate SO32- as AgSO3, 5 mL of 0.5 mol/L AgF was added to the
experimental solution. AgF is susceptible to both photochemical and chemical
oxidation, readily forming silver oxide (e.g., Ag2O) which might have a different
δ18O. The presence of Ag2O was determined visually as the AgSO3 precipitate was
seen to change from an initial white to grey to purple powder, which darkened with
increased exposure to light and air over the course of minutes. Several methods
were used to remove excess of Ag from the AgSO3 precipitate to prevent formation
of Ag2O. For example, extra Ag was attempted to be removed by 1) rinsing 10
times with ultra DI water, 2) rinsing with sonicator three times for one minute each,
and 3) rinsing with an NaCl solution to precipitate out any excess as silver chloride
(AgCl). Additionally, the AgSO3 was also dried at 70°C for 2 hours while flushing
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with N2 gas to prevent oxidation while drying and covering with tin foil to prevent
exposure to light. Additionally, methods such as rinsing 10 times with ultra-pure DI
water, drying with N2, and covering the vials with tin foil to prevent exposure to light
appeared to be successful in preventing oxidation of Ag to Ag2O. However, as
soon as the vials with AgSO3 were opened and the precipitate was removed to be
weighed out for δ18O analysis, Ag2O began to form. Because the amount of Ag2O
formed was variable, it was difficult to assess its effect on δ18O of AgSO3.
Therefore, the isotope exchange experiments in higher temperature range (50 to
90°C) with this precipitation method were not performed. Consequently, only the
δ18O of AgSO3 precipitating at room temperatures are reported (Table 2.6).
Isotope Exchange and Precipitation of BaSO3 using BaCl2 (Experiment E)
Because previous studies by Müller et al. (2013 a, b) and Wankel et al. (2014)
used BaCl2 to precipitate dissolved SO32- as BaSO3, I also performed one set of
experiments using the BaCl2 precipitation method. These experiments were
carried out following the methods described for Experiment C but using BaCl2
instead. However, it should be considered that BaSO4 will also co-precipitate in
this experiment.

Results
All results for chemical and isotope compositions are in Tables 2.7 through 2.10
and in Figures 2.5 and 2.6. The fractionations for oxygen isotope exchange
between SO42- and water are reported as Δ18OSO4-H2O (e.g., the difference between
δ18O of SO42- and δ18O of water) and between SO32- and water as Δ18OSO3-H2O
(e.g., the difference between δ18O of SO32- and δ18O of water).
Oxygen Isotope Exchange Between SO42- and water (Experiment B)
The results for oxygen isotope exchange between SO42- and water are in Table
2.7. The isotopically heavy water with δ18O of +198.1 ‰ was used to measure the
oxygen isotope exchange over a shorter period of time (within one year). The initial
δ18O of SO42- was +11.6 ‰.
In Experiment B1, the δ18O of water decreased at 28 and 56 days to +195.6 and
+195.7 ‰, respectively and became slightly more enriched in 18O isotopes at 69
and 210 days (+197.2 and +202.6 ‰, respectively). Note that the measurement of
isotopically enriched materials is usually affected by larger analytical error (± 3 ‰)
because of lack of standards so enriched in 18O isotopes. Generally, the δ18O of
SO42- increased over time from initial value of +11.2 ‰ to +45.6 ‰ in day 28, +76.0
‰ in day 56, +72.2 ‰ in day 69, and 127.7 ‰ in day 210. This corresponded to
the overall increase of ∆18OSO4-H2O from the initial value of -186.8‰ to -152.2‰, 121.8 ‰, -125.6 ‰, and -70.1 ‰, respectively.
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In Experiment B2 with light DI water which had δ18O value of -5.8 ‰ (Table 2.7),
the δ18O of SO42- decreased over time from initial value to +11.4 ‰ in day 30,
+11.0 ‰ in day 60 and +11.1 ‰ in day 90. Note that the δ18O of SO42- slightly
increased up to +11.7 ‰ in day 1 and +12.0 ‰ in day 7 but this increase was within
the analytical error of ±0.3 ‰ compared to days 1 and 30-90 (Table 2.7). This
corresponded to only small changes of ∆18OSO4-H2O from the initial value of +17.0
‰ to +17.5 ‰ in day 1, +17.8 ‰ in day 7, +17.2 ‰ in day 30, +16.8 ‰ in day 60,
and +16.9 ‰ in day 90.
Oxygen Isotope Exchange Between SO32- and water: Precipitation of CdSO3
using CdCl2 (Experiment C)
The results for the oxygen isotope exchange experiment between SO32- and water
using CdCl2 are presented in Table 2.8. The Ultra-Pure DI water used in all
experiments had δ18O of -5.8 ‰ and the initial δ18O of Na2SO3 (including some
amounts of Na2SO4 already present in the reagent) was +38.8 ‰.
In room temperature experiments, the δ18O of SO32- decreased over time but
varied widely throughout the experiment, reaching +21.2 ‰ in Day 2, +8.3 ‰ in
Day 4, +16.4 ‰ in Day 7, and +21.2 ‰ in Day 9. This corresponded to the
decrease of ∆18OSO3-H2O from initial value of +43.8 ‰ to +27.0 ‰, +14.3 ‰, +22.2
‰, and +27.5 ‰, respectively.
Similar oxygen isotope variation was observed for 50°C. The δ18O of SO32decreased to +19.1 ‰ in Day 2, +19.7 ‰ in Day 3, and +17.9 ‰ in Day 6. This
corresponded to the ∆18OSO3-H2O decrease from initial value of +43.8 ‰ to +24.9
‰, +25.5 ‰ and +23.7 ‰, respectively. Note that the experiment at 50°C was
shorter (only 6 instead of 9 days) because of the rapidity of oxygen isotope
exchange at room temperature. The latter was consistent with previously published
data (e.g., Müller et al., 2013 a, b; Wankel et al., 2014).
At 90°C, the δ18O of SO32- decreased over time compared to the initial δ18O of
Na2SO3. The δ18O of SO32- decreased to +4.2 ‰ in Day 2 and +6.1 ‰ in Day 3.
This corresponded to the ∆18OSO3-H2O decrease from initial value of +43.8 ‰ to
10.0 ‰ and +11.9 ‰, respectively. Because the vial leaked air in Day 6, an
additional experiment was performed at 90°C which was accompanied by similar
oxygen isotope fractionations (Table 2.8). Accordingly, the δ18O of SO32decreased to +3.4 ‰ in Day 2, +5.5 ‰ in Day 3, +3.4 ‰ in Day 6, and +5.3 ‰ in
Day 9. This corresponded to the ∆18OSO3-H2O of +9.2 ‰, +11.3 ‰, +9.2 ‰, and
+11.1 ‰, respectively.
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Oxygen Isotope Exchange Between SO32- and water: Precipitation of AgSO3
using AgF (Experiment D)
Results for the oxygen isotope exchange experiments between SO32- and water
using AgF are presented in Table 2.9. As with the CdCl2 experiments, the UltraPure DI had δ18O of -5.8 ‰ and the initial δ18O of Na2SO3 was +38.8 ‰.
Under room temperature conditions, the δ18O of SO32- decreased to a similar
extent for all sampling intervals, +3.5 ‰ in 30 seconds, +3.1 ‰ in 1 minute, +3.1
‰ in 5 minutes +3.3 ‰ in 10 minutes, +4.7 ‰ in 1 hour, +4.1 ‰ in 2 hours, and
+3.7 ‰ in 5 hours. This corresponded to decreases in ∆18OSO3-H2O of +9.3 ‰, +8.9
‰, +8.9 ‰, +9.1 ‰, +10.5 ‰, +9.9 ‰, and +9.5 ‰, respectively. Note that these
experiments were performed at shorter time intervals because complete exchange
occurred within one day during Experiment C. Generally, the measured δ18O of
SO32- was lower than that measured in Experiment C (Tables 2.8 and 2.9),
suggesting that co-precipitation of Ag2O likely affected δ18O of SO32-. Nonetheless,
the ∆18OSO3-H2O from this experiment falls within the measured range as in the
Experiment C with CdCl2 at room temperature (Tables 2.8 and 2.9).
Oxygen Isotope Exchange Between SO32- and water: Precipitation of BaSO3
using BaCl2 (Experiment E)
Results for the oxygen isotope exchange experiments between SO32- and water
using BaCl2 are presented in Table 2.10. As with the CdCl2 experiment, the UltraPure DI had δ18O of -5.8 ‰ and the initial δ18O of Na2SO3 was +38.8 ‰.
In all temperatures, the δ18O of SO32- showed small variations in the δ18O of SO32ranging from +3.1 to +3.4 ‰ in room temperature, +2.7 to +3.6 ‰ at 50°C, and
+3.4 to +3.9 ‰ at 90°C. This corresponded to ∆18OSO3-H2O of +8.9 to +9.2 ‰, +8.5
to 9.4 ‰, and +9.2 to +9.7 ‰, respectively. While the measured ∆18OSO3-H2O in
Experiment E (BaCl2 precipitation) was in good agreement with the results of
Experiment D (AgF precipitation) and Experiment C (CdCl2 precipitation) at 90°C,
in Experiment C, the ∆18OSO3-H2O was ~10-15 ‰ higher at room temperature and
50°C compared to Experiment E (Table 2.8). Generally, it is unclear what caused
this discrepancy. Possibly, there might have been more SO42- present in the
NaSO3 salt, because Experiment E was performed ~12 months after Experiment
C (with CdCl2). This, in turn, could explain lowering of δ18O values as continuing
oxidation of NaSO3 salt in the storage container would lead to 16O enrichment in
the forming SO42- (Table 2.2). Additionally, smaller SO32- concentrations would be
present in the initial NaSO3 salt over time. Consequently, these smaller amounts
of SO32- (as SO2) would be easily flushed out by N2 in the beginning of
experiments. As a result, only SO42- would be present in the experimental vials
after flushing. Because oxygen isotope exchange between SO42- and water is very
slow (Lloyd 1968; Tichomirowa and Junghans, 2009), the δ18O of the SO42- would
remain the same in all temperatures.
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Nonetheless, the ∆18OSO3-H2O from this (E) experiment falls within the measured
ranges as in Experiments C and D (Tables 2.8, 2.9, and 2.10).

Discussion
Oxygen Isotope Exchange Between SO42- and Water (Experiment B)
Using experimental data, Friedman and O’Neil (1977) showed that equilibrium
oxygen isotope fractionations between dissolved SO42- and water are temperaturedependent wherein SO42- becomes enriched in 18O isotopes relative to water,
causing the increase of δ18O of SO42- compared to water. Accordingly, at 50°C the
∆18OSO4-H2O varies from +24 to +26 ‰ and decreases to +18 to +20 ‰ at 90°C
(Lloyd, 1968; Mizutani and Rafter, 1969; Friedman and O'Neil, 1977).
In Experiment B1 with isotopically heavy water, the δ18O of SO42- would be
expected to reach +216.8 ‰ and ∆18OSO4-H2O +19.0 ‰ at 90°C if complete oxygen
isotope exchange took place. However, the measured δ18O of SO42- and ∆18OSO4H2O values were considerably lower (Table 2.5), ranging between +45.6 and +127.7
‰ and -152.2 and -70.1 ‰, respectively, suggesting incomplete oxygen isotope
exchange during the investigation.
The extent of oxygen isotope exchange between SO42- and water can be
determined using the following equation:
𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑒𝑥𝑐ℎ𝑎𝑛𝑔𝑒𝑑 = 100 ×
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,

(4)

where δ18Ofinal is the δ18O of SO42- at the end of experiment, δ18Oinitial is the δ18O
of SO42- at the beginning of experiment and δ18Oequilibrium is the expected δ18O of
SO42-after reaching equilibrium (e.g., complete exchange) at 90°C. Around 32 %
of oxygen isotope exchange occurred after 56 days and 57 % after 210 days of
experiment. This is consistent with previous studies (Lloyd, 1968; Mizutani and
Rafter, 1969) that show slower (e.g., weeks to months) oxygen isotope exchange
between SO42- and water even at elevated temperatures. Because no measurable
oxygen isotope exchange between SO42- and water was observed, an additional
experiment (Experiment B2) that used DI water, which had more negative δ18O
value of -5.8 ‰, was conducted. If complete oxygen isotope exchange occurred,
the δ18O of SO42- would have increased to +13.2 ‰. In contrast, the δ18O of SO42decreased from +11.2 to +11.0 ‰ over the course of experiment. Note that this
decrease was within analytical error of ±0.3 ‰.
Given that the δ18O of water was significantly more enriched in 18O isotopes
compared to the initial SO42- in Experiment B1, it is also possible that the higher
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δ18O of SO42- resulted from trapping of isotopically heavy water in the crystal lattice
during precipitation of BaSO4. This problem has been previously reported by
Hannon et al. (2008) and should be considered for samples showing large ∆18OSO4H2O values. An oxygen isotope mass balance constraint can be used to calculate
the amount of water that could have been trapped in BaSO4 as follows:
𝛿 DE 𝑂G5H IJKLM = 𝑋𝛿 DE 𝑂OLPQR + (1 − 𝑋)𝛿 DE 𝑂G5H JKJPJLM

(5)

where X is the fraction of isotopically heavy water trapped in crystal lattice.
Accordingly, 35 % of the heavy water would have been trapped in the BaSO4
precipitated in day 56 and 57 % in day 210. This is higher than both the 6 %
determined by Hannon et al. (2008) and ~21 % of hydration water bound in sulfate
minerals such as gypsum. However, note that barite (BaSO4) is not known to form
any hydrous mineral phases, so it is unlikely that hydrous barite would form in this
experiment. In addition, there would have to be different amounts of isotopically
heavy water incorporated at different times in the experiment.
Because both precipitation of BaSO4 and isotope exchange would increase the
δ18O of SO42-, it is impossible to distinguish between these two processes.
Nevertheless, the measured δ18O of SO42- (+45.6 to +127.7 ‰) was higher than
that expected for a simple artifact of isotopically heavily water in the BaSO4 crystal
lattice (e.g., +22.4 ‰ for ~6 % contribution of isotopically heavy water in BaSO4
with initial δ18O of +11.2 ‰), supporting the notion that a measurable (but
incomplete) oxygen isotope exchange took place between SO42- and water in
Experiment B1. Assuming that <6 % of the measured δ18O of SO42- might be
affected by the isotopically heavy water used in the experiment, the measured
oxygen isotope exchange between SO42- and water would be ~26-51 % at 90°C in
the studied interval of 69 and 210 days, respectively.
The observed discrepancy between the results of Experiments B1 (heavy water)
and B2 (light water) might be related to much smaller difference between initial
δ18O of SO42- (+11.2 ‰) and the expected δ18O of SO42- after complete isotope
exchange (+13.2 ‰) in Experiment B2. Additionally, Experiment B2 was performed
over shorter period of time of 60-90 days. According to the results of Experiment
B1, only ~30 % of oxygen isotope exchange would have occurred in this time
interval, thus resulting in the increase of δ18O of SO42- by 0.6 ‰. The latter is within
the uncertainty of analytical precision (±0.3 ‰). The δ18O of SO42- showed only
small variation (+11.2 to +12.0 ‰) over the course of Experiment B2 (Table 2.7),
thus might explain no measurable oxygen isotope exchange in the presence of
isotopically light water.
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Oxygen Isotope Exchange Between SO42- and Water (Experiment B):
Comparison to Field Data
The acidic hot springs and mud pots from Iceland and United States had elevated
temperatures of 50 to 90°C (Ende et al., in review). Because in Experiment B1 a
measurable (~32-57 %) isotope exchange was observed, it is necessary to assess
whether this process would affect the ∆18OSO4-H2O of the field samples. This is
important given that the specific ranges of ∆18OSO4-H2O have been previously used
for distinguishing between Fe- and O2-driven oxidation during oxidation of H2S to
SO42- (Ende et al., in review).
If complete oxygen isotope exchange between SO42- and water occurred in the
studied field sites of Iceland and United States, the δ18O of SO42- would be higher
by 19 to 25 ‰ than the δ18O of water at 50°C and 90°C, respectively. Since the
δ18O of water measured in the field samples ranged from -16.6 to +6.3 ‰ (Ende
et al., under review) this would require the δ18O of SO42- to range from +8.4 to
+31.3 ‰ at 50°C and +2.2 to +25.1 ‰ at 90°C if complete exchange has occurred.
However, the measured δ18O of SO42- and ∆18OSO4-H2O in field samples were
considerably lower, from -8.8 to +5.5‰ and from -2.2 to +13.4 ‰, respectively
(Figures 2.5 A). This suggests that complete oxygen isotope exchange between
dissolved SO42- and water did not occur at the temperature range of the studied
hydrothermal sites.
Tichomirowa and Junghans (2009) showed that at 50°C the oxygen isotope
exchange between SO42- and water is so slow that it cannot be detected within ~6
years using δ18O of SO42-. The results of Experiment B1 suggest that at 90°C the
oxygen isotope exchange is faster (up to 60 %) over the duration of <1 year thus
it can have a measurable effect on δ18O of SO42-. Majority of the studied hot springs
and mud pots showed temperatures of 90°C, thus this could potentially increase
the δ18O of SO42- from 6 to 11 ‰ within <1-year period if ~30 and 60 % of oxygen
isotope exchange took place, respectively (Figure 2.5 B).
Although the residence time of SO42- in the studied hydrothermal systems is
unknown, the field observations help constrain how long the SO42- may be retained
in the individual hydrothermal features. In the Type 1 samples, comprised of mud
pots and hot springs with well-defined boundaries and spatially isolated from one
another (e.g., not connected by ephemeral streams), the SO42- may remain for
longer periods of time (e.g., weeks, months, years) until overflow occurs due to
changes of seasonal conditions (i.e., influx of groundwater, rain, snow melt).
Conversely, in Type 2 samples, comprised of mud pots and hot springs
interconnected by ephemeral streams with heterogeneous H2S emissions through
the streambeds, the SO42- is transported away more effectively (e.g., in hours,
days) by a network of ephemeral streams (Ende et al., in review).
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It is expected that Type 1 samples with longer residence time would be more likely
to experience a measurable oxygen isotope exchange between SO42- and water,
resulting in the increases of ∆18OSO4-H2O value. However, there were no noticeable
differences in the ∆18OSO4-H2O between Type 1 and Type 2 samples, -2.2 to +13.4‰
and -0.2 to +10.1 ‰, respectively (Ende et al., in review). This indicates that the
oxygen isotope exchange between SO42- and water was negligible/minor at the
time of sampling most likely because of shorter residence time, i.e. less than 210
days as suggested by Experiment B1 with isotopically heavy water.
Furthermore, Ende et al. (in review) suggested there are a number of other
processes likely contributing to changes of δ18O of water in the field samples such
as evaporation, inflow of groundwater or rain/snowmelt, water-rock interaction.
Therefore, they all may lead to the changes of ∆18OSO4-H2Oin the field samples.
Generally, field measurements suggest that mixing processes related to active
hydrological cycle and inflow of water with variable δ18O have the largest control
on the wide variation of ∆18OSO4-H2O, from -2.2 to +13.4 ‰ (Ende et al., in review).
Oxygen Isotope Exchange Between SO32- and Water (Experiments C, D, E)
Several studies have investigated oxygen isotope exchange between SO32- and
water and found a similar range of temperature-dependent fractionations as
between SO42- and water (e.g., Betts and Voss, 1970; Tsunogai, 1971; Moses et
al., 1987; Zhang and Millero, 1991; Horner and Connick, 2003; Kohl and Bao,
2011, Müller et al., 2013 a, b; Wankel et al., 2014). In this process, SO32- also
becomes enriched in 18O isotopes relative to water, causing the increase of δ18O
of SO32- compared to water. However, the oxygen isotope exchange is faster (e.g.,
minutes, days) than in SO42- (e.g., months, years). Accordingly, at temperatures
between 22 and 50°C, oxygen isotope fractionations (∆18OSO3-H2O) range from +9.4
to +15.4 ‰ (Müller et al., 2013 a, b; Wankel et al, 2014), with smaller fractionations
of +9.4 ‰ at lower pH. Conversely, even smaller ∆18OSO3-H2O values of +7.1 and
+3.8 ‰ have been measured at elevated temperatures of 50 and 90°C respectively
and lower pH 4.5 (Wankel et al. 2014).
In Experiments C, D, and E, if complete oxygen isotope exchange between SO32and water occurred, the δ18O of SO32- would range from +3.6 to +9.6 ‰ at 25°C,
+1.3 ‰ at 50°C, and -2.0 ‰ at 90°C with ∆18OSO3-H2O of +7.1 and +3.8 ‰,
respectively. In contrast, measured ranges of δ18O values of SO32- were usually
considerably higher, from +3.1 to +21.7 ‰, +2.7 to +19.7 ‰, and +3.4 to +6.1 ‰,
respectively. These were accompanied by higher ∆18OSO3-H2O values, ranging from
+8.9 to +27.5 at 25°C, +8.5 to +25.5 ‰ at 50°C, and +9.2 to +11.9 ‰ at 90°C
(Tables 2.8, 2.9, and 2.10). Generally, there are two processes that may account
for larger oxygen isotope fractionations in these experiments compared to previous
studies: 1) multiple processes of oxygen isotope exchange between various sulfur
intermediates, and/or 2) incomplete oxidation of SO32- to SO42- by atmospheric O2
prior to the experiment.
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Dissolved SO32- can form a variety of different isomers depending on pH (Figure
2.1). At pH 1.5 to 3, SO2 and HSO3- are present, with HSO32- as the dominant
isomer. Below pH 1.5, SO2 becomes the dominant species (Müller et al., 2013 a).
Similar to SO32-, the dissolved SO2 has been shown to rapidly exchange oxygen
isotopes with water (Müller et al., 2013 a). Under the low pH 2 in the experiments,
most likely the SO2 and HSO3- were the main SO32- species present (see Figure
2.1 for comparison). According to Müller et al. (2013 a), the fractionations related
to oxygen isotope exchange between dissolved SO2 and water are larger (∆18OSO32H2O of ~+37% at pH 1.5) compared to SO3 and water (<+15‰ at pH<6) at room
18
temperature. The larger ∆ OSO3-H2O (+13 to +27 ‰) measured in the experiments
may result from partial oxygen isotope exchange between SO2 and water. This
could explain the discrepancy between the results of my experiments (Table 2.8)
and previously published data (Table 2.1; Müller et al., 2013 a, b; Wankel et al.,
2014). Note that additional factor influencing the ∆18OSO3-H2O between studies
might be a variable headspace in the experimental vials leading to different
concentrations of dissolved SO2 in the water and consequently different isotope
fractionations. The oxygen isotope fractionation between dissolved SO2 and water
is much larger than gaseous SO2 and water vapor (Müller et al. 2013 a).
Table 2.4 shows that SO32- can rapidly oxidize to SO42- under oxic conditions (e.g.,
atmospheric O2). According to Müller et al. (2013 a), this process is accompanied
by kinetic isotope fractionation, leading to the decrease of δ18O in SO42- by 5.8 ‰
compared to the initial δ18O of SO32- (Table 2.2). Previous studies used BaCl2 to
precipitate the dissolved SO32- to BaSO3 salt (Müller et al. 2013 a, b; Wankel et al.
2014). Therefore, any unaccounted oxidation of the Na2SO3 salt in the storage
container or during preparation of experimental solution would result in decreasing
δ18O of SO32-. It is unclear whether previous studies accounted for this process,
and any addition of secondary SO42- would be reflected in lower ∆18OSO3-H2O. Ion
chromatography results indicate that the Na2SO3 salt used in the experiments likely
contained ~10 % of Na2SO4 (Table 2.4). Nevertheless, the isotope mass balance
(Equation 5) suggests that this amount of SO42- in the experimental solution would
decrease the δ18O of SO32- by <1 ‰, which is relatively small compared to the
larger difference in the ∆18OSO3-H2O between my experiments and previous studies.
This amount of SO42- in the initial NaSO3 salt would not have any significant effect
on the δ18O of SO32- measured by Wankel et al. (2014) or Müller et al. (2013 a, b),
assuming similar initial proportions of SO32- and SO42- in all studies. This, in turn,
supports the notion that the higher ∆18OSO3-H2O measured in the experiments likely
resulted from partial oxygen isotope exchange between SO2 and water. Previous
studies by Müller et al. (2013 a, b) and Wankel et al. (2014) were done at higher
pH, thus smaller ∆18OSO3-H2O values in these experiments might reflect the isotope
exchange between sulfur intermediates that were not present under the low pH of
my experiments.
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Oxygen Isotope Exchange Between SO32- and Water (Experiment C, D, E):
Comparison to Field Data
Field measurements in Iceland showed that minor amounts of SO32- were present
in acidic hot springs and mud pots (Ende et al., in review). Oxygen isotope
exchange with water might have occurred in the hydrothermal sites given the
reported quick exchange rates between SO32- and water (Betts and Voss, 1970;
Tsunogai, 1971; Moses et al., 1987; Zhang and Millero, 1991; Horner and Connick,
2003; Kohl and Bao, 2011). According to Wankel et al. (2014), the ∆18OSO3-H2O
would be +7.4 ‰ at 50°C and +3.8 ‰ at 90°C under slightly acidic conditions (pH
4.5). Additional kinetic isotope fractionation associated with the oxidation of SO32to SO42- would decrease the δ18O by 5.8 ‰ during Fe-driven oxidation and by 9.7
to 5.4 ‰ during O2-oxidation (Table 2.2; Müller et al., 2013 b). Although, these
kinetic isotope fractionations were determined at room temperature and might be
smaller at higher temperatures of 50-90°C because isotope fractionations usually
decrease with increasing temperature (e.g., Sharp 2017).
Figure 2.6 A illustrates the measured δ18O of SO42- in field samples compared to
the range of expected δ18O of SO42- resulting from the above equilibrium and
kinetic isotope fractionations at 50°C and 90°C. It appears that these fractionations
would lead to δ18O of SO42- similar to that previously determined for Fe-driven
oxidation (0 to 4 ‰) of pyrite (e.g., Balci et al., 2007). It is difficult to distinguish
between this oxidation pathway and oxygen isotope exchange between SO32- and
water in the field samples. Notably, many field samples fall above and below the
estimated range of oxygen isotope exchange. Consequently, it is challenging to
assess the effect of isotope exchange in the studied hydrothermal sites by Ende
et al. (in review) using previously published data.
The combined results of experiments C, D and E indicate larger fractionations
between SO32- and water (Figure 2.6 B) than those reported by Müller et al. (2013
a, b) and Wankel et al. (2014). Consequently, the estimated theoretical δ18O of
SO42- was higher at 50°C than the field water samples (Figure 2.6 B) suggesting
that the studied hydrothermal SO42- in Iceland and United States was likely formed
in higher temperatures. Conversely, the estimated δ18O of SO42- at 90°C fell in
between established fractionations for Fe- and O2- driven sulfide oxidation, thus it
cannot be used to differentiate between oxygen isotope exchange and specific
oxidation mechanism using oxygen isotope tracers alone. The latter is further
complicated by the active hydrologic cycle, which overprints the initial δ18O of water
and leads to the significant changes of ∆18OSO4-H2O (Ende et al., in review).
The higher ∆18OSO3-H2O values in Experiments C, D, and E may result from the
lower pH and the higher contribution of oxygen isotope exchange between SO2
and water. In volcanic systems, SO2 is common volcanic gas (McGetchin et al.,
1982). Under the low pH <3 of the field sites, the exchange between SO2 and water
would lead to higher δ18O of SO42-, but I did not observe any significant increases
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of δ18O in dissolved SO42- (Figure 2.6 B). Under elevated temperatures measured
in the field sites, it is possible that SO2 undergoes quick degassing, similarly as O2,
thus is removed from the system before any significant oxygen isotope exchange
with water takes place. In the experiments, the vials were capped which did not
allow for the removal of SO2 once the experiment had begun. This allowed for
oxygen isotope exchange to occur, leading to the increase of δ18O of SO32-.

Conclusions
Experimental results suggest that measurable oxygen isotope exchange takes
place between both SO42- and water as well as SO32- and water at elevated
temperatures typical of hydrothermal systems (50 to 90°C). This exchange takes
several months for SO42- even at higher temperatures, with <60 % of oxygen
exchange occurring at 90°C within a 210-day experimental period. Incomplete
oxygen isotope exchange appears to have minor effect on the δ18O of SO42- in the
studied hydrothermal hot springs and mud pots in Iceland and United States,
possibly because the SO42- is transported away in less than 210 days by active
hydrologic cycle, minimizing the effect of oxygen isotope exchange under
hydrothermal conditions.
Results of my experiments suggest relatively fast oxygen isotope exchange
between SO32- and water. I found larger oxygen isotope fractionations between
SO32- and water under elevated temperatures (50 and 90°C) and low pH (2) than
previously reported. It is possible that the higher ∆18OSO3-H2O measured in my
experiments, particularly at lower temperatures (<50°C), result from SO2 and water
isotope exchange under acidic conditions. The oxygen isotope exchange between
SO32- and water under hydrothermal conditions (90°) cannot be easily
distinguished from previously established isotopic fractionations for Fe- and O2driven oxidations. It is possible this overlap in kinetic and equilibrium fractionations
is a result of SO32- and water oxygen isotope exchange occurring during sulfide
(pyrite) oxidation. This suggests that oxygen isotope exchange between SO32- and
water may have an effect on the δ18O of SO42-. Nonetheless, it was difficult to
assess whether this process had significant effect on the δ18O of SO42- in the
studied hydrothermal sites in Iceland and United States.
In summary, the results of this experimental study imply that oxygen isotope
exchange between SO42-/SO32- and water is likely to occur under hydrothermal
conditions. However, as previously suggested by Ende et al. (in review) the
changes of the water isotope composition due to evaporation, mixing of
hydrothermal features and input of meteoric water are likely more important factors
controlling the ∆18OSO4-H2O under hydrothermal conditions.
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Figures

Figure 2.1. Bjerrum plot of sulfite speciation in water as a function of pH (after Muller et al. 2013 a).
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Figure 2.2. A - Examples of 42 mL amber vials sealed with metal cages. This type of vial was used
for the experiments of oxygen isotope exchange between SO42- and water (Experiment B) and
SO32- and water (Experiment C) at 90°C. B - Examples of gas bench vials (12 mL). This type of vial
was used for the experiment of oxygen isotope exchange between SO32- and water using the AgF
(Experiment D) and BaCl2 (Experiment E) precipitation methods. Increasing amounts of Ag2O can
be seen from left to right in the gas bench vials as the AgSO3 gets progressively darker.
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changes of CdSO3 mass and water loss are plotted as a function of time. A – Dehydration at 150°C.
B, C, D – Dehydration at 172°C.
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Figure 2.5. δ18O of water versus δ18O of SO42- in the hydrothermal water samples from Iceland and
United States (open circles) compared to the theoretical δ18O of SO42- formed via Fe-driven
oxidation (grey) and O2-driven oxidation (blue; after Ende et al., in review). A – Dashed and dotted
lines represent the expected δ18O of SO42- for the complete oxygen isotope exchange between
SO42- and water at 50°C and 90°C, respectively. B – Solid line represents the expected δ18O of
SO42- for 30 % of oxygen isotope exchange and dashed line for 60 % of oxygen isotope exchange
between SO42- and water at 90°C and pH 2.
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Figure 2.6. δ18O of water versus δ18O of SO42- in the hydrothermal water samples from Iceland and
United States (open circles) compared to the theoretical δ18O of SO42- formed via Fe- (grey) and
O2-driven oxidation (blue; after Ende et al., in review). A – Dashed/dotted lines and yellow/orange
fields represent the expected δ18O of SO42- for complete oxygen isotope exchange between SO32and water and oxidation of SO32- to SO42- via Fe- and O2-driven oxidation at 50 and 90°C,
respectively, using oxygen isotope fractionations previously determined by Muller et al. (2013 b)
and Wankel et al (2014.) B – Dashed/dotted lines and yellow/orange fields represent the expected
δ18O of SO42- for complete oxygen isotope exchange between SO32- and water and oxidation of
SO32- to SO42- via Fe- and O2-driven oxidation at 50 and 90°C, respectively, using oxygen isotope
fractionations determined by Experiments C, D, and E and Muller et al. (2013 b).
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Tables
Table 2.1. Summary of previously published equilibrium isotope fractionations during oxygen
isotope exchange between water and SO42-/SO32- at different temperatures and pH. Note that
during this process the SO42-/SO32- becomes enriched in

18

O isotopes compared to water. The

magnitude of isotope fractionation is expressed as ∆18O reflective of the difference between δ18O
of SO42-/SO32- and δ18O of water.
Sulfur
Species

Temperature
(°C)

pH

Fractionation ∆18O (‰)

Reference

SO42-

25

7 to 9

No experimental results
reported due to slow
exchange

Lloyd, 1968

SO42-

72.5 to 100

3.8

+16.7 to +22.7

SO42-

132 to 348

7 to 9

+3.4 to +13.8

SO32-

< 50

1 to 9.7

+9.4 to +15.2

SO32-

95

4.5 to
7.2

+4.0
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Lloyd, 1968; Mizutani
and Rafter, 1969;
Mizutani, 1972
Lloyd, 1968
Müller et al., 2013 a,
b; Wankel et al., 2014
Wankel et al., 2014

Table 2.2. Summary of previously published kinetic oxygen isotope fractionations during oxidation
of SO32- to SO42-. Note that during this process SO42- becomes enriched in lighter

16

O isotopes

compared to SO32- at room temperature. The magnitude of isotope fractionation is expressed as
∆18O reflective of the difference between δ18O of SO42- and δ18O of SO32-.
Oxidant
O2
Fe3+

Fractionation ∆18O (‰)
-5.4 to -9.7
-5.8
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Reference
Müller et al., 2013a
Müller et al., 2013a

Table 2.3. Changes of dissolved oxygen (DO) concentrations relative to time for an initial
Experiment A1 to remove O2 via boiling and subsequent experiment to determine the dissolution
rate of atmospheric O2 in water at room temperature.
Sample
Experiment 1
Experiment 2
Experiment 3

Experiment 4

Boiling of DI Water to Remove O2
Time (min)
Volume (mL)
Temperature (°C)
0
215
22
338
205
25
0
215
21
336
205
26
0
215
21
332
205
25
DI Water Exposed to Ambient Air at Room Temperature
0
225
22
30
225
21
90
225
20
136
225
19
208
225
19
281
225
19
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DO (mg/L)
1.81
0.78
2.05
0.60
1.96
0.52
2.16
2.27
2.92
3.19
3.77
4.00

Table 2.4. Results for oxidation experiment of SO32- to SO42- in the presence of atmospheric O2 at
room temperature. Initially, 4.97 mg of Na2SO3 was added to 4.72 mL of Ultra-Pure DI water and
the concentrations of SO32- and SO42- were measured on IC over 6.8 hours (401 minutes) period.
SO32- (mg/L)

Time (min)
0
41
193
233
401

SO42- (mg/L)
526.89
542.19
540.19
486.08
147.20
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64.16
67.95
76.93
83.05
243.35

Table 2.5. Results for the dehydration of cadmium sulfite at 152 and 172°C. The samples were
dried in the oven for 2 hours.

Time
(min)

Initial sample mass
(mg)

152°C Dehydration
Sample mass after drying
(mg)

Calculated wt. % of water
loss

0

65.3

0.0

30

61.3

4.0

6%

60

61.1

4.2

6%

95

57.4

7.9*

12%

125

57.4

7.8*

12%

57.5
7.8*
172°C Dehydration (Experiment 1)

12%

165
0

14.6

0.0

33

14.1

0.5

3%

68

14.6

0.0

0%

93

14.6

0.0

0%

173

14.4

0.2

1%

14.4
0.2
172°C Dehydration (Experiment 2)

1%

1613
0

77.1

0

30

68.5

8.6

11.2%

60

68.3

8.8

11.4%

90

68.4

8.7

11.3%

120

68.3

8.8

11.4%

68.5
8.6
172°C Dehydration (Experiment 3)

11.2%

1785
0

64.5

0

30

57.9

6.6

10.2%

60

57.7

6.8

10.5%

90

57.8

6.7

10.4%

120

57.6

6.9

10.7%

1785
57.8
6.7
10.4%
*Sample cup dropped and therefore the mass loss is due to spilling Na2SO3 on the lab counter top
instead of water loss.
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Table 2.6. Determination of the AgF concentrations needed to successfully precipitate the AgSO3
salt under different pH (e.g., neutral and 1.79) without co-precipitation of AgSO4. The
concentrations of SO32- and SO42- were measured using IC. N/A stands for not analyzed and BDL
for below detection limit.

Sample
Vial 1

Vial 2

Vial 3

Vial 4

Sample
Vial 1

Vial 2

Vial 3

AgF
(mL, M)
No AgF
added
0.4, 1.3
No AgF
added

SO32(mg/L)

0.4, 1.3
No AgF
added
5.4,
0.02
No AgF
added
5.4,
0.02
AgF
(mL, M)
No AgF
added
4, 0.05
No AgF
added
5.4,
0.18
No AgF
added
4.3, 4.3

Neutral pH – Experiment 1
SO42Initial Na2SO3
Ultra-Pure
(mg/L)
(mg)
DI (mL)

294.3

217.3

0.3

38.3

80.6

379.8

3.9

23.3

382.2

26.8

0.6

24.3

321.8

118.7

BDL

40.6

SO32(mg/L)

10.1

N/A

10.3

9.9

5.4

4.8

4.8

5.6

pH 1.79 – Experiment 2
SO42Ultra-Pure
Na2SO2 (mg)
(mg/L)
DI (mL)

368.4

161.9

6.5

59.4

443.2

178.2

2.4

29.9

373.1

78.4

BDL

23.1
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5.2

5.6

5.0

4.8

5.0

4.3

Comments
Water was flushed
with N2 gas to
remove O2, next the
vial was opened to
add Na2SO3, which
allowed for some
SO32- oxidation
Water and Na2SO3
were flushed in
separate containers
with N2 gas, next
anoxic water was
added to Na2SO3 to
prevent oxidation
Comments
Water and Na2SO3
were flushed in
separate containers
with N2 gas, next
anoxic water was
added to Na2SO3 to
prevent oxidation

Table 2.7. Results for oxygen isotope exchange Experiment B between SO42- and water using the
BaCl2 precipitation method. Initial δ18O was -5.8 ‰ ±0.2 ‰ for DI water experiments and +197.4 ‰
± 3.1 ‰ for experiments with isotopically heavy water. N/A stands for not analyzed.
SO42- and H2O Oxygen Isotope Exchange Experiments with Heavy Water at pH 2 and
90°C
Time
δ18O∆18OSO4Sample
O2 (mg/L)
CO2 (mg/L)
(days)
SO42- (‰)
H2O (‰)
Initial
0
+11.6
-186.8
N/A
N/A
Vial 1
28
+45.6
-152.2
0.000
0.30
Vial 2
56
+76.0
-121.8
0.001
0.45
Vial 3
69
+72.2
-125.6
0.002
0.62
Vial 4
210
+127.7
-70.1
0.007
0.72
SO42- and H2O Oxygen Isotope Exchange Experiments with Normal Water at pH 2 and
90°C
Initial
0
+11.6
+17.6
N/A
N/A
Vial 1
1
+11.7
+17.5
N/A
N/A
Vial 2
7
+12.0
+17.8
N/A
N/A
Vial 3
30
+11.4
+17.2
N/A
N/A
Vial 4
60
+11.0
+16.8
N/A
N/A
Vial 5
90
+11.1
+16.9
N/A
N/A
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Table 2.8. Results for oxygen isotope exchange Experiment C between SO32- and water using the
CdCl2 precipitation method. Initial δ18O of water was -5.8 ‰ and δ18O of Na2SO3 +38.8 ‰. N/A
stands for not analyzed.
Room Temperature and pH 2
Sample

Time
(days)

Vial 1
Vial 2
Vial 3
Vial 4

2
4
7
9

Vial 1
Vial 2
Vial 3

2
3
6

Vial 1
Vial 2
Vial 3

2
3
6

Vial 1
Vial 2
Vial 3
Vial 4

2
3
6
9

Initial
Na2SO3
(mg)
100.2
98.5
97.2
102.2

Ultra-Pure DI
(mL)

δ18OCdSO3 (‰) after
dehydration

21.0
+21.2
20.1
+8.3
21.4
+16.4
19.5
+21.7
50°C and pH 2
100.9
19.7
+19.1
101.0
20.1
+19.7
100.3
20.0
+17.9
90°C and pH 2
104.4
20.2
+4.2
104.9
20.1
+6.1
104.8
20.0
N/A
Additional 90°C and pH 2 (Additional experiment)
100.0
19.5
+3.4
102.3
20.0
+5.5
102.1
19.7
+3.4
101.5
19.6
+5.3
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∆18OSO3-H2O
(‰)
+27.0
+14.3
+22.2
+27.5
+24.9
+25.5
+23.7
+10.0
+11.9
N/A
+9.2
+11.3
+9.2
+11.1

Table 2.9. Results for oxygen isotope exchange Experiment D between SO32- and water using the
AgF precipitation method. Initial δ18O of water was -5.8 ‰ and δ18O of Na2SO3 +38.8 ‰.
Sample

Time
(min)

AgF
(mL)

SO32(mg/L)

SO42(mg/l)

Initial
Na2SO3
(mg)

UltraPure
DI (g)

δ18O
SO32(‰)

∆18OSO3H2O

Comments

(‰)

Tan/purple
precipitate
White
precipitate
Vial 2
1 N/A*
16.84
9.82
4.91
N/A* +3.1
+8.9 on top and
gray on
bottom
Yellow and
Vial 3
5 5.08
BDL 13.17
5.06
6.07 +3.1
+8.9
white
precipitate
White
Vial 4
10 5.26
BDL 13.49
5.05
5.42 +3.3
+9.1
precipitate
light grey
precipitate,
Vial 5
60 5.05
BDL
8.81
4.99
5.38 +4.7
+10.5 darker grey
at the
bottom
Precipitate
off
Vial 6
120 5.28
BDL 11.92
4.94
5.22 +4.1
+9.9
white/tan in
color
White
Vial 7
300 4.32
BDL 14.70
5.09
4.91 +3.7
+9.5
precipitate
*The volume of DI water was determined by the mass on an analytical balance. There was not
enough time for water sampling from Vials 1 and 2 (30 seconds and 1 minute, respectively) to
measure the mass of DI water before experiment ended.
Vial 1

0.5

N/A*

BDL

8.63

5.02
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N/A*

+3.5

+9.3

Table 2.10. Results for oxygen isotope exchange Experiment E between SO32- and water using the
BaCl2 precipitation method. Initial δ18O of water was -5.8 ‰ and δ18O of Na2SO3 +38.8 ‰.

Vial 1
Vial 2
Vial 3

Time
(days)
2
3
6

Vial 1
Vial 2
Vial 3

2
3
6

Vial 1
Vial 2
Vial 3

2
3
6

Sample

Room Temperature and pH 2
Initial Na2SO3
Ultra-Pure
δ18OBaSO3 (‰)
(mg)
DI (mL)
100.5
19.2
3.1
100.9
20.8
3.1
100.5
20.8
3.4
50°C and pH 2
100.8
20.7
2.7
101.3
18.9
3.4
102.1
17.4
3.6
90°C and pH 2
100.0
17.4
3.9
102.6
16.8
3.4
100.5
18.8
3.4
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∆18OSO3-H2O
(‰)
8.9
8.9
9.2
8.5
9.2
9.4
9.7
9.2
9.2

CHAPTER THREE : DETERMINING THE PATHWAYS OF H2S
OXIDATION UNDER HYDROTHERMAL CONDITIONS USING AN
EXPERIMENTAL APPROACH
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Abstract
[Fe3+] ferric iron is known to oxidize sulfide minerals in low temperature, surface
environments. However, there are no detailed studies exploring the efficacy of
reduction of Fe3+ driving H2S [hydrogen sulfide] oxidation under hydrothermal
condition with elevated temperatures. To better assess this process, I conducted
a set of experiments at low pH (< [less than] 2) and temperatures of 25 to 90°C
[degrees Celsius] using a variety of oxidants: O2, Fe3+, and a mixture of Fe2+
[ferrous iron] and O2 [oxygen]. Results suggest that O2 would oxidize more H2S to
SO42- (~5-10 mg/L [milligrams per liter]) than Fe3+ reduction (<0.2-0.7 mg/L) under
hydrothermal conditions, if a constant and elevated supply of O2 is maintained.
Incomplete H2S oxidation in the presence of Fe3+ may reflect rapid formation of
insoluble sulfur intermediates (e.g., elemental sulfur), which likely inhibits further
oxidation and results in overall low SO42- concentration. It is possible that without
the surface area of mineral grains typically present in the hot spring and mud pot
sediments, the Fe-driven oxidation of H2S was more limited in my experiments but
we recognize this process might be important in natural hydrothermal settings.

Introduction
Sulfur is a common element on the Earth’s surface, making up ~3 % of its mass
(Berner and Berner, 2012). Sulfur reaches Earth’s surface through volcanic
processes, emitted as either sulfur dioxide (SO2) or hydrogen sulfide (H2S),
depending on magma chemistry and temperature (McGetchin et al., 1982). These
reduced sulfur gases play an important role in the formation of hydrothermal sulfide
mineral deposits and dissolved sulfate (SO42-) in shallow aqueous environments
(e.g., Rye, 2005). Although numerous studies have evaluated the oxidation
mechanisms by which hydrothermal sulfide minerals oxidize to SO42- under low
temperature surface conditions (e.g., Heidel et al., 2013; Balci et al., 2007;
Tichomirowa and Junghans, 2009), there is little understanding of the mechanisms
by which hydrothermal H2S gas is oxidized at elevated temperatures (>50-90°C).
Oxygen (O2) in Earth’s atmosphere (~20 %), is commonly assumed to be the main
oxidant for hydrothermal sulfur, either emitted as H2S or deposited as sulfide
minerals at the Earth’s surface (Berner and Berner, 2012). Ferric iron (Fe3+)
reduction, however, can also participate in this process specifically under acidic
conditions because of higher solubility of Fe in lower pH (Singer and Stumm, 1970;
Taylor et al., 1984 a, b; Tichomirowa and Junghans, 2009; Ende et al., in review).
An additional important factor is surface area, particularly during oxidation of
sulfide minerals (e.g., pyrite). For example, smaller pyrite grains show larger
sorption of atmospheric O2 and hydroxyl groups, allowing increased oxidation rates
that lead to aqueous SO42- formation (Tichomirowa and Junghans, 2009). In
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hydrothermal settings the solubility of gases (including O2) in aqueous systems is
low due to elevated temperatures (e.g., Geng and Duan, 2010; Ende et al., in
review). It is unclear what oxidation process contributes to elevated SO42concentrations because dissolution and sorption of atmospheric O2 on the mineral
grains would be limited.
Ende et al. (in review) proposed that oxidation of H2S gas in hydrothermal system
occurs at the sediment water interface, where abundant Fe3+ in the pore water and
sediment, and sufficient surface area to catalyze oxidation reactions are present.
Previous studies have investigated the rates by which sulfide minerals (e.g., pyrite)
are oxidized by Fe3+ and O2 under surface, low-temperature conditions (e.g.,
Taylor et al. 1984 a, b; Moses et al., 1987; Balci et al., 2007; Tichomirowa and
Junghans, 2009: Heidel and Tichomirowa, 2010). However, it is likely that the
kinetics of hydrothermal H2S gas oxidation to SO42-are different.
Although, there are several experimental studies on H2S oxidation in low
temperatures (e.g., Avrahami and Golding, 1968; Chen and Morris, 1972 a, b;
O’Brien and Birkner, 1977; Millero et al., 1987; Millero and Hershey 1989; Nielsen
et al., 2003; Yang et al., 2005), these experiments utilize sodium sulfide (Na2S) as
the initial source of reduced sulfur in water. To better understand oxidation
mechanisms of hydrothermal H2S, I performed a variety of experiments at 25°C,
50°C, and 90°C in the presence of O2 and Fe3+ as well as in the mixed proportions
of Fe2+ and O2 over the course of two months. The obtained results are compared
to previous low-temperature studies and an assessment of H2S oxidation
mechanisms is made for the studied acidic, hydrothermal sites in Iceland and
United States (Ende et al., in review).

Previous Studies on H2S Oxidation
On Earth, hydrogen sulfide (H2S) results from surface processes including volcanic
emission (McGetchin et al., 1982) and microbial sulfate reduction occurring in
marine and freshwater sediments (Millero and Hershey, 1989), or sludge residues
of wastewater treatment facilities and sewer networks (Yang et al., 2005). Once
formed, H2S either can be oxidized to SO42- or precipitated as a sulfide mineral,
commonly pyrite (e.g., Taylor et al. 1984 a,b; Moses et al., 1987; Balci et al., 2007;
Tichomirowa and Junghans, 2009: Heidel and Tichomirowa, 2010). Previous
studies have sought to understand H2S formation and oxidation to better quantify
the sources of sulfide and sulfate minerals in oceanic systems and distinguish
between hydrothermally- and biogenically-derived sulfides (Morse et al., 1987;
Millero and Hershey, 1989). More recently, studies of H2S oxidation have been
driven by the need for effective methods to remove H2S from the wastewater
system in order to mitigate negative impacts such as corrosion, toxicity, decreasing
microbial processes in the sludge, and odor (Boon, 1995; Æsøy et al., 1997;
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Nielsen et al, 2003; Yang et al., 2005). Less focus has been on oxidation of H2S in
surface hydrothermal settings such as acidic hot springs and mud pots.
Factors Affecting the Mechanisms and Kinetics of H2S/Sulfide Oxidation
Factors that affect the oxidation of H2S include temperature, pH, ionic strength, O2
to H2S ratio, the presence of catalysts or inhibitors, and surface area (Chen and
Morris, 1972 a, b; O’Brien and Birkner, 1977; Nielsen et al., 2003).
As with most chemical reactions, increasing temperature enhances the rate of
H2S/sulfide oxidation by overcoming the activation energy barrier (Avrahami and
Golding, 1968; Millero et al., 1987; Nielsen et al., 2003). The pH of an aqueous
solution can play an important role in H2S speciation. Major reactions of H2S
dissolution in aqueous solution include (Millero and Hershey, 1989):
𝐻X 𝑆(Z) → 𝐻X 𝑆(L\)
𝐻X 𝑆(L\) → 𝐻 ] + 𝐻𝑆 ;
𝐻𝑆 ; → 𝐻 ] + 𝑆 X;

(1)
(2)
(3)

At pH <7, H2S becomes the dominant isomer (Figure 3.1 A), but at pH 7-12
bisulfide (HS-) and at pH >12 sulfide (S2-) are more common (Huang, 2007).
Amongst these species, H2S present in both gas and aqueous phases is less
reactive than HS- (e.g., Cline and Richards, 1969; Chen and Morris, 1972; O’Brien
and Birkner, 1977), resulting in slower oxidation of H2S under low pH.
Consequently, the isomer type controls the rate of oxidation, with HS- being the
most reactive (Chen and Morris, 1972). Under pH< 6, the rate of H2S oxidation is
very slow (Chen and Morris, 1972 a) but it increases in higher pH, reaching a
maximum at pH 8, before decreasing again at pH 9 (Chen and Morris, 1972). The
oxidation rate then increases again at pH 9 to 11, where it reaches a second
maximum, before it decreases again as pH increases above 11 (Chen and Morris,
1972 a). Oxygen utilization by H2S/sulfide oxidation has been experimentally
shown to be the greatest around pH 7, decreasing with both increases and
decreases in pH (Chen and Morris, 1972 a).
Increasing salinity decreases the amount of H2S that can be dissolved in water
(Millero and Hershey, 1989). Ionic strength, defined here as a concentration of ions
in solution determined using electrical charge in solution (Atkins and de Paula,
2014; Appelo and Postma, 2005), has also been shown to affect H2S oxidation
rate. However, both increases and decreases in the oxidation rate have been
observed with increases in ionic strength in studies utilizing the Na2S salt as the
initial source of H2S/sulfide. Usually, the oxidation rate decreases with increases
of ionic strength in seawater (Yao and Millero, 1996). However, the rate is faster
in a pure NaCl solution with the same ionic strength as seawater, suggesting that
specific ions present in seawater are responsible for inhibition of H2S oxidation
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(Yao and Millero, 1996). Mg2+, Ca2+, and SO42- have all been shown to slightly
decrease the oxidation rate of H2S but there is no difference in oxidation rate
relative to ionic strength when an NaCl buffer is used (Chen and Morris, 1972 a).
Increases in the ratio of oxidants to H2S, especially oxygen (O2), also favor the
formation of more oxidized sulfur species. The greater the ratio of O2 to H2S, the
more oxidized sulfur species form (Cline and Richards, 1969):
2𝐻𝑆 ; +
2𝐻𝑆 ; +
2𝐻𝑆 ; +
2𝐻𝑆 ; +

𝑂X → 2𝑂𝐻; + 2𝑆 _
2𝑂X → 𝐻X 𝑂 + 𝑆X 𝑂`X;
3𝑂X → 𝐻] + 2𝑆𝑂`X;
4𝑂X → 2𝐻] + 2𝑆𝑂HX;

(4)
(5)
(6)
(7)

In marine settings, H2S concentrations increase with decreasing dissolved O2
concentrations in pore water (Nielsen et al., 2003), suggesting that sulfide
oxidation is limited by O2 concentrations. However, the kinetics of H2S oxidation
by O2 are poorly known (Millero and Hershey, 1989). The rate of H2S oxidation and
other reduced sulfur species, by O2 is mainly controlled by bimolecular collisions
between the reacting species (O’Brien and Birkner, 1977). These collisions are
unlikely to involve more than two molecules in the liquid state (Amdur and
Hammes, 1966), allowing for the formation of a variety of sulfur intermediates. The
limiting factor for the oxidation rate of H2S is the reaction of HS- with O2 resulting
in formation of the bisulfide radical (i.e., HS-•) which is more reactive than HS(Cline and Richards, 1969). Sulfide derived from Na2S has been oxidized by O2 in
numerous experiments indicating half-times (t1/2) of oxidation rates ranging from
37 to 50 hours for deionized water and between 0.4 and 65 hours for seawater
under pH 8 at 25°C (e.g. Ostlund and Alexander, 1963; Avrhami and Golding,
1968; Cline and Richards, 1969; Sorokin, 1971; Chen and Morris, 1972 a, b;
Almgren and Hagstrom, 1974; O’Brien and Birkner, 1977; Millero and Hershey,
1989).
H2S oxidation is also affected by the redox sensitive metals that can act as
catalysts or inhibitors to oxidation (Chen and Morris, 1972 a, b; Nielsen et al.,
2003). For example, iron hydroxides quickly oxidize H2S in seawater (on the order
of tens of minutes); however, the most dominant product of this oxidation is
elemental sulfur (Yao and Millero, 1996). Also, the rate is also affected by the type
of iron hydroxide species, with a solid Fe(OH)3 oxidizing the H2S ~25x faster than
the solid αFeOOH (Yao and Millero, 1996).
Yao and Millero (1996) showed that oxidation of H2S by the solid Fe(OH)3 is
dependent on surface area. This is because the amount of metal oxide is
proportional to the surface area (Yao and Millero, 1995) and is a controlling factor
for the redox reaction rates between solid surfaces (Pyzik and Sommer, 1981;
Stone and Morgan, 1987; LaKind and Stone, 1989; Dos Santos Afonso and
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Stumm, 1992; Peiffer et al., 1992; Bondietti et al., 1993; Yao and Millero, 1993;
Biber et al., 1994). As the reaction continues, its rate decreases, and the Fe
hydroxide is broken down and recrystallizes leading to smaller surface area (Yao
and Millero, 1996). This likely explains why H2S is only oxidized to elemental sulfur,
because as the reaction continues, there is less surface area and Fe3+ available
to enhance the oxidation process.
The surface area appears to be also important during pyrite oxidation.
Tichomirowa and Junghans (2009) found that oxidation of pyrite by O2 was greatly
influenced by the size of pyrite grains. Because increases in surface area allow for
more chemisorption of molecular O2, and therefore, O2 can play a greater role in
oxidation of smaller pyrite grains with larger surface area. Under oxic conditions,
O2 is chemisorbed on both the Fe and S sites in the initial stages of pyrite oxidation.
As the reaction continues the oxidation of S transitions from O2- to hydroxyldependent (Tichomirowa and Junghans, 2009).
Although a variety of experimental studies have addressed the rates and
mechanisms of H2S oxidation using sodium sulfide (Na2S) salts, no studies have
used H2S gas. This is important because both ionic strength and sulfur speciation
would vary between dissolution of Na2S salt and the presence of H2S gas in
aqueous solution. Furthermore, few experiments have been conducted at pH <7
and no experimental data are available for pH 2. Given that oxidation rates are
considerably slower under low pH, where H2S is the dominant species, it is difficult
to compare the oxidation rates of H2S gas by O2 at higher pH to lower pH systems.
Experiments using H2S gas are thus crucial to understanding oxidation
mechanisms in acidic environments with elevated H2S emission and temperatures.

Analytical Instrumentation
Chemical analyses were performed in the Stable Isotope Laboratory in the
Department of Earth and Planetary Sciences at the University of Tennessee,
Knoxville. The following instruments were used for sample analyses.
Ion Chromatography and Absorbance Detector
Anions (e.g., SO42-, SO32-, and S2O32-) were measured on a Dionex ICS-2100 ion
chromatograph. Results were calibrated using the Inorganic Ventures standards
IV-STOCK-7 and IV-STOCK-59, respectively. The analytical precision was ±5 %.
A Dionex AD20 Absorbance Detector attached to an ICS-2000 ion chromatograph
was used to quantify the concentrations of Fe2+ and Fe3+ and the presence of H2S.
In house standards were made using Arcos Organics FeCl2•3H2O and
FeCl3•6H2O. The analytical precision was ±10 %. Additionally, the Hach
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colorimeter’s 690 Sulfide method was modified and used with the Absorbance
detector to determine the sum of H2S and HS- concentration for each sample.
Gas Chromatography-Mass Spectrometer
A Gas Chromatograph 6890A Thermo-Finnigan GC-Combustion III coupled with
an Agilent Technologies 5975B inert XL MSD was used to measure concentrations
of O2 and H2S dissolved in solution. A Hamilton syringe was used to inject gases
into the GC-MS for analysis. The analytical precision was ± 17 %.
Scanning Electron Microscope
Precipitates that formed during oxidation of H2S by Fe3+ and Fe2+ and O2 in 60-day
experiments were analyzed using a Phenom tabletop SEM. The solution above
the precipitate was removed with a syringe and samples were left to dry at 90°C
for 1 to 3 days. Note that drying may have allowed for further oxidation of
precipitates, particularly if reduced S was present. The SEM was set at 15 kV, low
vacuum (60 Pa), and placed in mapping mode. Analysis spots were selected to
fully characterize the sample.

Experimental Design
Oxidation of H2S by O2 in 12 mL Gas Bench Vials (Experiment E)
The experimental design utilized in this Chapter is similar to the one described in
Chapter 2 (Figure 3.2 A). Additionally, the same batch of ultra-pure DI-water (18.2
Ωm), filtered through a Thermo Scientific Barndstead Water Purification Setup,
was used in all experiments of Chapter 3. In summary, approximately 167.5 μL of
Fisher brand HCl was added to 200 mL of ultra-pure DI water to obtain pH of 2 for
the individual experiments.
Next, 60 mL of this pH 2 solution was added to a 60 mL syringe. Then, the solution
was flushed with O2 to remove all atmospheric gases and to saturate the water
with O2. In a separate gas bench vial, 10 mL of the pH 2 solution was flushed with
H2S gas to create an H2S saturated solution, from which 2 mL of this solution was
transferred to the 60 mL syringe. In order to prevent H2S loss during transfer, a
plastic stopcock was then placed on the lower end of the syringe. Afterward, the
prepared mixture of H2S and O2 gases in the 60 mL syringe was injected into the
12 mL gas bench vials which had been previously flushed with N2. In order to
prevent over pressurization of the gas bench vials when transferring the mixture of
acidified DI water with H2S and O2, a 10 mL syringe was inserted into the gas
bench vial. This allowed the N2 gas initially present in the gas bench vial to be
displaced into the 10 mL syringe while the gas bench vial filled up with the pH 2
solution. Consequently, there was no headspace present during the duration of
experiment. Further, duplicates were prepared for each sampling at 30 and 60
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days. Room temperature experiments took place in the fume hood and for the
higher temperature experiments the gas bench vials were placed in ovens set to
50°C and 90°C, respectively. At 90°C, the vials had to be placed in metal cages,
which were designed in similar fashion as described in Chapter 2 to prevent air
permeation (Figure 2).
At the end of the experiment, 1 mL of the pH 2 solution was extracted from the gas
bench vial using a 3 mL syringe for analysis of SO42-, SO32-, and S2O32concentrations and relative proportions of H2S on the IC and absorbance detector.
The samples were manually injected into the IC for sulfur speciation.
Initially, the GC-MS and IRMS methods were also used to determine the
concentrations of dissolved H2S and O2, however, the results were too inconsistent
to provide reliable data. Therefore, colorimetric methods designed for a Hach
colorimeter were modified for the use on the Absorbance detector to determine the
H2S concentrations. However, these results were also inconsistent to provide
reliable calibrations because of relatively high H2S and O2 concentrations (up to
140 mg/L and 41 mg/L, respectively, in the beginning of experiment) compared to
the limited analytical capability of Hach instrument (<3 mg/L of H2S/O2), and
inability to prepare reliable standards. Consequently, only a rough estimate of the
H2S detection is presented using a peak area measured by the absorbance
detector on the IC.
Finally, dissolved SO42- was precipitated to BaSO4 for oxygen isotope analysis
using a 10 % BaCl2 solution. To prevent contamination with atmospheric O2, 4 mL
of BaCl2 was added to 60 mL syringe with a stopcock placed on the lower end.
The remaining H2S in the gas bench vial was transferred to the 60 mL syringe by
using N2 gas. The N2 gas was necessary to displace the H2S and O2 mixture from
the gas bench vial and to prevent a pressure difference between the syringe and
the gas bench vial. No measurable quantities of BaSO4 were obtained for either
the 30- or 60-day experiments.
Oxidation of H2S by a Mixture of Fe2+ and O2 in 12 mL Gas Bench Vials
(Experiment F)
The experimental design and duration for oxidation of H2S with a mixture of Fe2+
and O2 were the same as describe in the previous section. However, instead of
using pure pH 2 solution, approximately 75 mg of Arcos Organics FeCl2•3H2O was
added to the gas bench vials with the DI water acidified to pH 2 using hydrochloric
acid. In the end, the same proportion of H2S and O2 gas mixture was transferred
into the gas bench vials as in Experiment E.
Because the Fe concentrations (including Fe2+ and Fe3+) were too high for analysis
of SO42-, SO32-, and S2O32- concentrations on IC, a Thermo Scientific cation
polisher was used to remove the excess Fe before the sample was injected and
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passed through the anion IC column. The use of cation polisher requires the IC
autosampler. This is because manual injections require approximately 3x more
volume of sample than the autosampler, thus injecting 3x more Fe. The cation
polisher is only capable of removing so much Fe before it gets clogged and needs
to be regenerated before it can be used again. To prevent oxidation of the
intermediate sulfur species during IC analysis, empty 2 mL glass IC vials were
flushed with N2 gas at 4 psi for 5 minutes. In the end, a 3 mL syringe was used to
transfer 1 mL of solution into the flushed IC vials.
Fe2+ and Fe3+ concentrations were not analyzed at the end of the experiments. It
took approximately 6 hours to determine the SO42-, SO32-, and S2O32concentrations in experimental samples. I estimated that 6 hours would be
sufficient time to oxidize any Fe2+ present in the storage vials with the sampled
experimental solution, thereby leading to inaccurate results.
The IC analysis showed that only small amounts of SO42- formed in the Experiment
F, which were insufficient to precipitate enough BaSO4 for δ18O analysis. However,
other types of yellow and white precipitates, in some cases also orange/red
precipitates, were observed in the gas bench vials. Vials were centrifuged at 1000
rpm for 10 minutes to separate out the unknown precipitate from experimental
solution before final analysis of SO42-, SO32-, and S2O32- concentrations on IC.
Oxidation of H2S by Fe3+ in 12 mL Gas Bench Vials (Experiment G)
Fe3+ oxidation experiments were setup in the same fashion as previous O2
oxidation experiments, except no O2 was present. Two concentrations of Fe3+ were
used to verify whether the difference in the availability of Fe3+ controls the oxidation
state of the forming sulfur species. Accordingly, 22 mg of Arcos Organics
FeCl3•6H2O salt and 99 mg of Arcos Organics FeCl3•6H2O salt were used.
Oxidation of H2S by O2 in 600 mL Glass Container (Experiment H)
In order to increase the O2 available for H2S oxidation and evaluate the role of
headspace in the oxidation process, an additional experiment with 20 mL of the O2
and H2S mixture added to a 600 mL glass bottle with a rubber stopper and plastic
cap was carried out. The same procedures were applied for this experiment as
described in previous sections. At the time of sampling, the bottle was turned
upside down and a syringe was used to extract 1 mL of solution which was
manually injected onto the IC for analysis of sulfur speciation. Because of
unexpected difficulties in using 600 mL bottles, particularly in higher temperatures
(e.g., air leaking), this experiment was only conducted at room temperature.
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Results
All results are presented in Tables 3.1 through 3.5. Average concentrations are
presented as averages of the duplicates unless otherwise noted.
Oxidation of H2S by O2 in 12 mL Gas Bench Vials (Experiment E)
Results for this oxidation experiment are presented in Table 3.1. At room
temperature, the smallest amounts of SO42- were formed, 1.81 mg/L after 30 days
and 2.11 mg/L after 60 days. At 50°C, higher concentrations of SO42- were
detected, 5.14 mg/L after 30 days and 5.36 mg/L of SO42- after 60 days. The
highest amounts of SO42- were formed at 90°C, 6.27 mg/L after 30 days and 8.38
mg/L after 60 days.
In addition to SO42-, small amounts of dissolved sulfite (SO32-) were detected at
room temperature and 50°C (0.86 mg/L and 0.19 mg/L, respectively) but there was
no measurable SO32- at 90°C. At higher temperatures (50 and 90°C), dissolved
H2S was below detection in the end of the experiment. No precipitates were found
at the time of sampling.
Oxidation of H2S by O2 in 600 mL Glass Container (Experiment H)
Results for this experiment are presented in Table 3.2. This experiment was
performed at room temperature only. Similar concentrations of SO42- were
detected (1.49 to 2.33 mg/L) as in Experiment E with gas bench vials at room
temperature (1.66 to 2.27 mg/L). No measurable quantities of dissolved H2S, SO32, or precipitates were present at the time of sampling.
Oxidation of H2S by Fe2+ and O2 (Experiment F)
Results for this experiment are presented in Table 3.5. Very little SO42- was formed
at all temperatures, varying in similar range from 0.05 to 0.70 mg/L. Whereas no
measurable quantities of intermediate species were detected, the dissolved H2S
was present in all experiments (or at all temperatures) after 60 days. No
measurement of H2S concentration was determined after 30 days because of
failure of the absorbance detector.
White precipitates formed a thin layer in the bottom of the gas bench vials in all
sampling days at room temperature (Figure 3.2 B). At higher temperatures, white
precipitates also showed yellow aggregates (30 and 60 days at 50°C, and 30 and
60 days at 90°C) that were not present at lower temperatures. SEM analysis show
variable precipitate compositions in the 60-day experiments. In the room
temperature experiments, Fe ranged from 33 to 74 %, Cl from 14 to 39 %, S from
1 to 14 %, and O from 10 to 39 %. No S was found in the 50 or 90°C experiments.
At 50°C, Fe ranged from 31 to 60 %, Cl from 22 to 60 %, and O from 0 to 44 %. At
90°C, Fe ranged from 38 to 61 %, Cl from 24 to 39 %, and O from 11 to 49 %.
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Oxidation of H2S by Fe3+ (Experiment G)
Results for this experiment are presented in Table 3.3 and 3.4. Unlike in the
Experiments E, H, and F, the SO42- concentrations were below detection limit
except for small amounts detected in the room temperature experiment after 30
days (0.03 mg/L), 50°C after 60 days (0.05 mg/L), and 90°C after 30 days (0.24
mg/L). No measurable amounts of dissolved SO32- were detected at any of the
sampling time intervals. Although dissolved H2S was present under lower Fe3+
concentration (~400 mg/L), no H2S was present under higher Fe3+ concentration
(~1,800 mg/L).
As in the Fe2+ and O2 experiment, white precipitates formed in the bottom of the
gas bench vials in all studied temperatures and time intervals (Figure 3.2 B). Under
lower Fe3+ concentrations, the white precipitate was accompanied by yellow
aggregates at higher temperatures (50 and 90°C) similar to the ones observed in
Experiment F with a mixture of Fe2+ and O2. Under higher Fe3+ concentrations and
temperatures (50 and 90°C), it was more difficult to distinguish colors of the
forming precipitates because of the excess of red/orange precipitates. SEM
analysis show many precipitates of variable composition in 60-day experiments. In
the room temperature experiments with low Fe3+ concentrations, Fe ranged from
5 to 44 wt%, Cl from 4 to 35 wt%, S from 9 to 82 wt%, and O from 9 to 25 wt%.
Similar results were found in the high Fe3+ concentration experiments at room
temperature, with Fe ranging from 13 to 57 wt%, Cl from 4 to 26 wt%, S from 5 to
59 wt%, and O from 12 to 39 wt%.
In the 50°C experiments with low Fe3+ concentrations, Fe ranged from 0 to 63 wt%,
Cl from 0 to 100 wt%, S from 0 to 77 wt%, and O from 0 to 72 wt%. Less S (0 to 1
wt%) and Cl (2 to 6 wt%) were found in the high Fe3+ concentration experiments
at 50°C, corresponding to slightly elevated Fe (62 to 78 wt%) and O (17 to 43 wt%)
concentrations.
In the 90°C experiments with low Fe3+ concentrations, Fe ranged from 0 to 25 wt%,
Cl from 0 to 26 wt%, S from 34 to 92 wt%, and O from 8 to 18 wt%. In the higher
concentration Fe experiments at 90°C, elevated concentrations of Fe (22 to 74
wt%) and O (21 to 41wt%), corresponded to lower S (0 to 44 wt%) and Cl (0 to 19
wt%).

Discussion
Oxidation of H2S by O2 (Experiments E and H)
Ende et al. (in review) found elevated concentrations of SO42- in the acidic
hydrothermal systems of Iceland and United States (~100 to 25,000 mg/L)
controlled by elevated emission of H2S. They were accompanied by small O2
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concentrations (0.01 to 1.03 mg/L), because of elevated temperatures (50 to
90°C), and relatively high Fe concentrations in the water column and sediments
(average ~160 mg/L and ~71,00 g/kg, respectively). The coupled isotopicchemical results suggested that in addition to O2 oxidation, considerable amounts
of SO42- might be formed via Fe-driven oxidation in the acidic hot springs and mud
pots. However, no quantitative assessment was possible for these two oxidation
pathways using field data due to multiple processes controlling oxygen isotope
composition of SO42-.
The results of Experiment E and H suggest that at elevated temperatures more
H2S can be oxidized to SO42- via O2 than at room temperature (Tables 3.1 and
3.2). This is in good agreement with thermodynamic considerations that predicts
the rates of chemical reactions to increase with increasing temperature (e.g.,
Avrahami and Golding, 1968; Millero et al., 1987; Nielsen et al., 2003). This is
further supported by higher concentrations of dissolved SO32- at lower
temperatures (room, 50 °C) compared to that at 90°C (Table 3.1), which suggests
that the rates of H2S oxidation are slower at lower temperatures.
According to Henry’s Law, small amounts of O2 can dissolve in water at room
temperature (Appelo and Postma, 2005). In order to maximize the oxidation of H2S
to SO42- in Experiment E, acidic DI water was saturated with O2 at room
temperature. At room temperature, the estimated O2 concentration was ~41 mg/L.
This, in turn, was significantly higher O2 concentration than has been measured in
acidic hot springs and mud pots from Iceland and United States (<1-2 mg/L; Ende
et al., in review). Additionally, elevated concentrations of H2S ~140 mg/L were
present in the beginning of all experiments. Given that 2 moles of O2 (or 4 moles
of O) are needed for H2S oxidation to SO42-, ~120 mg/L of SO42- would form if
complete H2S took place. This is considerably higher than the measured SO42concentrations (~2 to 10 mg/L) in Experiment E (Table 3.1), suggesting that only
~1 to 6 % of expected SO42- was formed. Surprisingly, even in Experiment H (e.g.,
600 mL glass bottle with 20 mL of experimental solution) with more O2 in the
headspace, similar SO42- concentrations were formed as in Experiment E with 12
mL gas bench vials. As such, it is unlikely the O2 is a dominant oxidant in the
hydrothermal systems with considerably lower O2 concentrations, yet elevated
concentrations of SO42- (~100 to 25, 000 mg/L; Ende et al., in review).
Oxidation of H2S by Fe3+ (Experiments G)
Ende et al. (in review) suggested that Fe3+-driven oxidation might be an additional
important process participating in H2S oxidation under O2-depleted hydrothermal
conditions because Fe is abundant in this type of settings due to acidic conditions.
To test if under anoxic conditions the reduction of Fe3+ to Fe2+ can oxidize H2S to
SO42- in a similar manner as observed in low temperature studies on pyrite (FeS2)
oxidation, two additional experiments with different concentrations of Fe3+ were
conducted. In this experiment, ~90 to 100 mg/L and ~350 to 400 mg/L of SO42125

would form under lower (~400 mg/L) and higher (~1,800 mg/L) Fe3+
concentrations, respectively, if complete H2S took place. In contrast, very small
concentrations of SO42- (<0.5 mg/L) were detected at all studied temperatures and
time intervals (Table 3.3) suggesting that Fe3+ is able to oxidize less H2S to SO42compared to O2 in Experiment E. Given that there was no SO42- formation in
Experiment G in all temperatures but the dissolved H2S decreased over time
(Table 3.3), we assumed that an incomplete oxidation of H2S took place during the
studied time interval of 60 days.
In nature, Fe2+ commonly reacts with reduced sulfur to form sulfide minerals
(Taylor et al., 1984 a, b; Tichomirowa and Junghans, 2009). Therefore, lower SO42concentrations in Experiment G (with Fe3+) than in Experiment E and H (with O2)
might reflect newly formed Fe2+ reacting with various sulfur intermediates during
H2S oxidation by Fe3+ reduction. This is supported by formation of distinctive solid
particles (precipitates) that occurred immediately after addition of the H2S to the
Fe3+ solution (Figure 3.2 B). At room temperature, only white precipitates were
detected, at higher temperatures (50 and 90°C) yellow aggregates were observed,
suggesting formation of elemental sulfur. The latter is consistent with previous
studies showing that elemental sulfur, an important sulfur intermediate at zero
oxidation state, is a dominant byproduct of H2S oxidation in the presence of
Fe(OH)3 (e.g., Yao and Millero, 1996). The exact composition of the white
precipitates is unclear. At low pH and under anoxic conditions, various polysulfides
(e.g., S52-, S42-, S32-, S22-; see Figure 3.1 B) could have formed after H2S reacted
with newly formed Fe2+ as a result of Fe3+ reduction. However, Fe sulfides usually
have darker colors (e.g., dark-gray or brown-yellow for pyrite and pyrrhotite), thus
the observed white precipitates in Experiment G might also contain more oxidized
sulfur intermediates such as ferrous iron sulfites (FeSO3), which are suggest by
some studies to form hydrated salts that are insoluble in water (Lutz, 1983).
Minerals containing oxidized sulfur (e.g., gypsum, anhydrite) usually have
white/bright colors. SEM analysis suggest many precipitates composed of Fe and
Cl, indicating reprecipitation of FeCl3, which likely occurred during drying of the
sample. Additionally, precipitates with only S (up to 92 wt%) and O (up to 8 wt%),
likely indicate the formation of intermediate sulfur species less oxidized than
sulfate, sulfite, and thiosulfate which have less wt% S (between 30 and 40 wt% S).
Additionally, increases in temperature and Fe3+ concentration showed decreases
in S and Cl, suggesting the formation of iron oxides. High concentrations of FeCl3
and other iron oxides may be masking the SEM signal for smaller concentrations
of sulfur bearing precipitates.
In Experiment G with higher concentration of Fe3+ (~1,800 mg/L), the precipitate
was dark brown to orange suggesting either re-precipitation of the FeCl3 salt (e.g.,
similar color as the initial Acros Organics reagent) or possible formation of Fe
hydroxides. This would indicate that the solubility of Fe3+ was reached after
addition of H2S. In contrast, under lower concentrations all Fe3+ was likely
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dissolved in experimental solution and able to participate in H2S oxidation.
Interestingly, H2S was still present after 60 days in experiments with lower Fe3+
concentration, but under higher Fe3+ concentrations no detectable H2S peak was
present after 30 or 60 days (Table 3.3 and 3.4). This indicates that more H2S was
oxidized when higher concentrations of Fe3+ were present; however, increases in
Fe3+ did not have enough oxidizing power to form substantial SO42-. This may be
caused by the precipitation of FeCl3 salt, and possibly the white precipitates
enriched in sulfur intermediates containing Fe, overall limiting the amount of Fe3+
available for complete oxidation of H2S. There was no other oxidant to reoxidize
Fe2+ to Fe3+ that would also continuously decrease oxidation potential in this
experiment. Overall, the observed decrease of H2S oxidation with the increase of
Fe3+ concentrations is consistent with previous studies showing that H2S oxidation
is controlled by the ratio of H2S to oxidant, with more oxidation occurring when
more oxidants are present (Cline and Richards, 1969).
No precipitate was observed in any of the O2 oxidation experiments (E and H).
This contrasts with previous field studies that report elemental sulfur that formed
around volcanic fumaroles exposed to atmosphere (e.g., Hynek et al., 2013). In
the absence of cations/metals, mainly elemental sulfur could form in Experiments
E and H but it was not observed. Because only small amounts of SO32- were
detected at higher temperatures of Experiment E (Table 3.1), it is likely that there
were other soluble sulfur intermediates formed as a result of reaction with O2.
Unfortunately, the IC was unable to measure many of the sulfur intermediate
species that can be present in aqueous solutions (Figure 3.1 A).
Oxidation of H2S by Fe2+ and O2 (Experiments F)
Fe2+ has been shown to oxidize rapidly in the presence of O2, with faster reaction
rates than H2S oxidation (Taylor et al., 1984 a, b; Balci et al., 2007). In Experiment
F with a mixture of Fe2+ and O2, it was assumed that Fe2+ would be continually
oxidized by O2 to form Fe3+ which, in turn, would enhance oxidation of H2S to SO42. A similar process has been proposed to occur in acid mine drainage systems,
where atmospheric O2 is crucial to reoxidize Fe2+ and allow for continuous
oxidation of pyrite (FeS2) via Fe3+ reduction (Taylor et al., 1984 a, b; Balci et al.,
2007). Ende et al. (in review) proposed a similar model for acidic hydrothermal
systems in Iceland and United States where seasonal fluctuations of the water
table lead to varied oxidation of Fe2+ by atmospheric O2 (Figure 3.3 A-C). This
process mainly occurs under dry conditions with more direct exposure of hot spring
and mud pots sediments to air. Conversely, under wet conditions, the high
temperatures from emitted hydrothermal gases create O2–depleted conditions,
likely inhibiting oxidation of Fe2+ to Fe3+ but can enhance the oxidation of H2S to
SO42- by Fe3+ from previous dry cycle. This process continues until all Fe3+ is used
up for oxidation of H2S. As such, Experiment F allowed for testing of this oxidation
model in more detail.
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If complete H2S oxidation took place in Experiment F, approximately 350 to 400
mg/L of SO42- would form. Conversely, small concentrations of SO42- were
measured in all studied temperatures (0.04 to 0.70 mg/L) but they were slightly
higher than in Experiment G with Fe3+ (0.03 to 0.24 mg/L; Tables 3.3 and 3.4). It
is likely that the O2 enhanced some oxidation of H2S as observed in Experiment E
with O2 (Tables 3.1 and 3.2).
Similarly to Experiment G with Fe3+, white and yellow precipitates were formed in
Experiment F with a mixture of Fe2+ and O2. Initial test showed that mixing of only
Fe2+ with H2S in a separate vial did not involve formation of any precipitates (e.g.,
Fe sulfides). The white and yellow precipitates detected in Experiment F suggest
that some oxidation of Fe2+ to Fe3+ by O2 likely occurred, which subsequently
involved incomplete oxidation of H2S by Fe3+ as in Experiment G. Nevertheless, a
larger peak of H2S was detected in the end of Experiment F than in Experiment G,
implying that oxidation of Fe2+ by O2 might have formed less Fe3+ thus less H2S
would oxidize over the time span of the experiment. SEM analysis suggests many
precipitates composed of Fe and Cl, indicating reprecipitation of FeCl3, which likely
occurred during drying of the sample prior to SEM analysis. Very little S was found
in these precipitates, potentially because it was obscured by the high concentration
of FeCl3 that formed during dehydration.
Factors Limiting the Oxidation of H2S to SO42- in Laboratory Experiments
Experimental results suggest that both O2 and Fe3+ can oxidize H2S. Under
experimental conditions, however, only O2 was able to fully oxidize small amounts
of H2S to SO42-. Oxidation reactions were incomplete in the presence of Fe3+, most
likely reflecting precipitation of insoluble particles with partially oxidized sulfur (e.g.,
elemental sulfur). As a result, even smaller SO42- concentrations were formed than
in the experiments with pure O2.
Previous studies highlight the importance of several factors that facilitate sulfide
oxidation; among the most important are pH and surface area. Under low pH
conditions, H2S remains as a dissolved gas, which is considerably less reactive
than isomers such as HS- that are more dominant at higher pH 7-12 (Cline and
Richards, 1969; Chen and Morris, 1972; O’Brien and Birkner, 1977). It is therefore
considerably more difficult to oxidize H2S under acidic conditions. Another crucial
factor that has been noted in the Na2S and FeS2 oxidation studies is surface area
(Yao and Millero, 1996; Tichomirowa and Junghans, 2009). The only surface area
available in the experiments was the glass walls of the gas bench vials, thus the
surface area for oxidation reactions was significantly limited. Pyrite oxidation
studies suggest that the increases in surface area provide more sites for
chemisorption of molecular O2 which help facilitate oxidation of sulfide minerals
(Tichomirowa and Junghans, 2009). In oceanic environments, sulfide oxidizes
~25x faster with solid Fe(OH)3 compared to solid αFeOOH (Yao, 1995), indicating
that in addition to surface area varied types of Fe3+ minerals involve different
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oxidation rates. I infer that the acidic conditions present in the experiments, and
the lack of sufficient surface area, are likely major factors responsible for the
formation of relatively small amounts of SO42- via both O2 and Fe-driven oxidation.
Model of SO42- Formation in Hydrothermal Systems
The results of my oxidation experiments can be used to reevaluate the conceptual
model of H2S oxidation to SO42- in hydrothermal settings proposed in Chapter 1
(Figure 3.3 A-C). In this model, the Fe–driven oxidation of H2S to SO42- mainly
occurs at the sediment-water interface during wet cycles because of elevated Fe3+
concentrations accumulated during dry cycles. In the experiments the H2S
oxidation by Fe3+ was incomplete and likely involved precipitation of insoluble
sulfur intermediates (e.g., elemental sulfur). This suggests that stepwise oxidation
is inhibited by insufficient amounts of Fe3+, which agrees with elevated
concentrations of elemental sulfur typically found in the hot spring sediments
(Szynkiewicz et al. 2012).
Although high concentrations of O2 were used in my experiments (~41 mg/L),
relatively small amounts of SO42- were formed, confirming that O2 is a slow oxidant
(e.g., Taylor et al., 1984 a, b; Balci et al., 2007). The O2 concentrations were
considerably lower in hydrothermal sites in Iceland and United States (<1-2 mg/L).
Therefore, we infer that most of O2-driven oxidation of H2S must occur at the waterair interface and/or during the dry cycle when there is more direct exposure to
atmospheric O2 (Figures 3.3 D-F).
Experimental results show that both O2 and Fe3+ are able to oxidize H2S under
hydrothermal conditions, however, these results cannot sufficiently address the
possible oxidation mechanisms for the intermediate sulfur species precipitating in
the hot spring and mud pot sediments. Most likely, these sulfur intermediates might
undergo both types of oxidation depending on the amounts of Fe3+ and O2
available at a given time. It is possible that this process is similar to sulfide (pyrite)
oxidation previously described for the acid mine drainage (e.g., Taylor et al., 1984
a, b; Tichomirowa and Junghans, 2009) but more detailed studies would be
needed to address this process in surface hydrothermal settings.

Conclusions
Although O2 is known to oxidize H2S to SO42- in surface environments, my
experiments have shown that this is a relatively slow process, even under O2-rich
conditions. Conversely, Fe3+ appears to rapidly oxidize H2S but this process also
involves precipitation of insoluble sulfur intermediate species, most likely enriched
in elemental sulfur. Consequently, during my experiments the Fe-driven oxidation
was incomplete leading to negligible amounts of SO42- formed under simulated
laboratory conditions. It is also possible that without the surface area of mineral
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grains typically present in the hydrothermal sediments, the oxidation of H2S is more
limited as observed in my experiments.
Collectively, the results of these experiments support the notion that Fe-driven
oxidation of H2S likely accompanies O2-driven oxidation in the studied
hydrothermal hot springs and mud pots from Iceland and United States. While Fedriven oxidation involves relatively rapid precipitation of insoluble sulfur
intermediates, these experiments cannot definitively distinguish what oxidants (O2
or Fe3+) and hydrological conditions (dry versus wet) may lead to their final
oxidation to SO42- in a subsequent process.
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Figures

Figure 3.1. Figure 1: A - Eh versus pH diagram for metastable sulfide and intermediate sulfur
species modified after Huang (2007). B - Eh and pH conditions for representative iron (Fe) and
sulfur (S) species modified after Chander (1984).
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Figure 3.2. A – An example of experimental setup for the 90°C experiments. The 12 mL gas bench
vial was placed inside a 42 mL amber vial. Additional butyl rubber septum was placed on top to
help keep the vial airtight. Metal cage was used to keep the cap and septum in place. The dark
brown/orange precipitate is visible on the vial walls. B – Example of white precipitate formed under
room temperature and high Fe3+ concentrations.
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Figure 3.3. A-C – Conceptual model of H2S oxidation with simplified equations and oxidation
reactions presented in Chapter 1. Most of O2-driven oxidation occurs during fumarolic-dry cycle
and in the water/air interface during wet cycle. In contrast, Fe-driven oxidation is more common in
the sediment-water interface during wet cycle. D-F – Revised conceptual model of H2S oxidation.
Unlike in initial model, no H2S is oxidized to elemental S (S0) by atmospheric O2 (D), as seen in
Experiments E and H. Fe-driven oxidation mainly leads to partial oxidation of H2S (E-F)
accompanied by precipitation of insoluble sulfur intermediates (e.g., elemental sulfur), as seen in
Experiments F and G. The possible oxidation mechanism for insoluble sulfur intermediates cannot
be defined using the experimental results.
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Tables
Table 3.1. Results for the oxidation of H2S by O2 in the 12 mL gas bench vials (Experiment E).
Water was saturated with respect to O2 at room temperature prior to the experiments. “Vial 1.0 and
1.1” and “Vial 2.0 and 2.1” indicate duplicate samples for 30- and 60-days experiments,
respectively. BDL stands for below detection limit.

Sample
Vial 1.0
Vial 1.1
Vial 2.0
Vial 2.1
Vial 1.0
Vial 1.0
Vial 1.1
Vial 2.0
Vial 2.1
Vial 1.0
Vial 1.1
Vial 2.0
Vial 2.1

Oxidation of H2S by O2 at pH 2 and room temperature
Water
H2S
O2
SO32SO42Time
Presence of H2S?
(mL)
(mg/L)
(mg/L)
(mg/L)
(mg/L)
30
11.9
139.6
41
0.74
1.66
Large peak
30
12.8
139.6
41
1.00
1.95
Large peak
60
13.7
139.6
41
1.03
2.19
Large peak
60
11.9
139.6
41
0.97
2.27
Large peak
30
11.9
139.6
41
0.74
1.66
Large peak
Oxidation of H2S by O2 at pH 2 and 50°C
30
11.6
130.3
41
0.15
5.65
No peak
30
11.7
130.3
41
0.22
4.62
No peak
60
11.7
130.3
41
BDL
6.23
No peak
60
11.6
130.3
41
BDL
4.49
No peak
Oxidation of H2S by O2 at pH 2 and 90°C
30
11.6
132.5
41
BDL
6.44
No peak
30
11.7
132.5
41
BDL
6.09
No peak
60
11.7
132.5
41
BDL
7.30
No peak
60
11.6
132.5
41
BDL
10.12
No peak
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Table 3.2. Results for the oxidation of H2S by O2 in 600 mL glass bottle (Experiment H). Water was
saturated with respect to O2 at room temperature prior to the experiments. BDL stands for below
detection limit.

Time
4
18
24
42
44
26
44

Oxidation of H2S by O2 at pH 2 and room temperature
Water
H2S
O2
SO32SO42Presence of H2S?
(mL)
(mg/L)
(mg/L)
(mg/L)
(mg/L)
20
131.3
41
BDL
1.60
No peak
20
131.3
41
BDL
2.33
No peak
20
131.3
41
BDL
2.30
No peak
20
131.3
41
BDL
1.56
No peak
20
131.3
41
BDL
1.49
No peak
Bottle 2: Oxidation of H2S by O2 at pH 2 and room temperature
20
131.3
41
BDL
1.88
No peak
20
131.3
41
BDL
1.63
No peak
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Table 3.3. Results for the oxidation of H2S by Fe3+ (Experiment G). Atmospheric gases were
removed with N2 prior to the experiments. Approximately 400 mg/L of FeCl3 was added as the
source of Fe3+. “Vial 1.0 and 1.1” and “Vial 2.0 and 2.1” indicate duplicate samples for 30- and 60days experiments, respectively. BDL stands for below detection limit.

Sample
Vial 1.0
Vial 1.1
Vial 2.0
Vial 2.1
Vial 1.0
Vial 1.1
Vial 2.0
Vial 2.1
Vial 1.0
Vial 1.1
Vial 2.0
Vial 2.1

Oxidation of H2S by Fe3+ at pH 2 and room temperature
Fe3+
Time
Water
H2S
SO32SO42initial
(days)
(mL)
(mg/L)
(mg/L)
(mg/L)
(mg/L)
30
11.6
134.83
413.83
BDL
0.03
30
12.5
134.83
397.63
BDL
BDL
60
13.5
134.83
349.74
BDL
BDL
60
11.6
134.83
402.73
BDL
BDL
Oxidation of H2S by Fe3+ at pH 2 and 50°C
30
11.9
132.54
403.97
BDL
BDL
30
11.7
132.54
401.10
BDL
BDL
60
11.6
132.54
414.73
BDL
0.09
60
11.7
132.54
436.48
BDL
BDL
Oxidation of H2S by Fe3+ at pH 2 and room 90°C
30
11.6
132.54
389.97
BDL
BDL
30
11.6
132.54
417.97
BDL
BDL
60
11.8
132.54
420.62
BDL
BDL
60
11.4
132.54
431.83
BDL
BDL

140

Presence of
H2S?
Small peak
Small peak
No peak
Small peak
Small peak
Small peak
Small peak
No peak
Small peak
Small peak
Small peak
Small peak

Table 3.4. Results for the oxidation of H2S by Fe3+ (Experiment G). Atmospheric gases were
removed with N2 prior to the experiment. Approximately 2,000 mg/L of FeCl3 was added as the
source of Fe3+. “Vial 1.0 and 1.1” and “Vial 2.0 and 2.1” indicate duplicate samples for 30- and 60days experiments, respectively. BDL stands for below detection limit. N/A stands for not analyzed.

Sample
Vial 1.0
Vial 1.1
Vial 2.0
Vial 2.1
Vial 1.0
Vial 1.1
Vial 2.0
Vial 2.1
Vial 1.0
Vial 1.1
Vial 2.0
Vial 2.1

Oxidation of H2S by Fe3+ at pH 2 and room temperature
Fe3+
Time
Water
H2S
SO32SO42initial
(days)
(mL)
(mg/L)
(mg/L)
(mg/L)
(mg/L)
30
11.81
134.83
1770.53
BDL
BDL
30
11.69
134.83
1840.64
BDL
BDL
60
11.55
134.83
1871.63
0.03
0.02
60
11.47
134.83
1843.88
BDL
BDL
Oxidation of H2S by Fe3+ at pH 2 and 50°C
30
11.75
134.83
1757.93
BDL
BDL
30
11.56
134.83
1834.71
BDL
BDL
60
11.70
134.83
1824.92
BDL
BDL
60
11.38
134.83
1901.04
BDL
BDL
Oxidation of H2S by Fe3+ at pH 2 and room 90°C
30
11.61
134.83
1826.57
BDL
BDL
30
11.66
134.83
1819.39
BDL
0.24
60
11.78
134.83
1759.49
BDL
BDL
60
11.47
134.83
1833.43
BDL
BDL
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Presence of
H2S?
N/A
N/A
No peak
Medium peak
N/A
N/A
Medium peak
Medium peak
N/A
N/A
Medium peak
Medium peak

Table 3.5. Results for the oxidation of H2S by Fe2+ and O2 (Experiment F). Water was saturated
with respect to O2 at room temperature prior to the experiments and FeCl2 was added as the source
of Fe3+. “Vial 1.0 and 1.1” and “Vial 2.0 and 2.1” indicate duplicate samples for 30- and 60-days
experiments, respectively. BDL stands for below detection limit. N/A stands for not analyzed.
Oxidation of H2S by Fe2+ and O2 at pH 2 and room temperature
Fe2+
Time
Water
H2S
O2
SO32SO42Presence of
Sample
initial
(days)
(mL)
(mg/L) (mg/L)
(mg/L) (mg/L)
H2S?
(mg/L)
Vial 1.0
30
11.6
128.2
41 1839.8
BDL
0.05
N/A
Vial 1.1
30
11.3
128.2
41 1948.8
BDL
0.46
N/A
Vial 2.0
60
11.7
128.2
41 1897.9
BDL
0.05
Medium peak
Vial 2.1
60
11.6
128.2
41 1827.4
BDL
BDL
Medium peak
Oxidation of H2S by Fe2+ and O2 at pH 2 and 50°C
Vial 1.0*
30
11.6
128.2
41 1848.7
BDL
0.07
N/A
Vial 1.1
30
11.7
128.2
41 1855.3
BDL
0.22
N/A
Vial 2.0
60
11.9
128.2
41 1837.1
BDL
BDL
Medium peak
Vial 2.1
60
11.8
128.2
41 1838.2
BDL
BDL
Medium peak
Oxidation of H2S by Fe2+ and O2 at pH 2 and room 90°C
Vial 1.0
30
11.6
128.2
41 1846.7
BDL
0.04
N/A
Vial 1.1
30
11.5
128.2
41 1915.8
BDL
0.12
N/A
Vial 2.0
60
11.5
128.2
41 1903.7
BDL
0.13
Medium peak
Vial 2.1
60
11.6
128.2
41 1910.3
BDL
0.70
Medium peak
*indicates that the sample leaked.
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SUMMARY CONCLUSIONS
The coupled isotopic-chemical results provide new insight into the mechanisms by
which hydrogen sulfide (H2S) oxidizes to sulfate (SO42-) under acidic hydrothermal
conditions on Earth. This can be used to formulate geochemical models of
aqueous SO42- formation in the O2-depleted environments of Mars which had
experienced periods of wet and dry conditions during Noachian and Hesperian.
Chapter One focused on investigating the oxidation mechanisms of H2S to SO42in acidic hot springs and mud pots from Iceland and United States analogus to
ancient Martian environments. The obtained chemical and oxygen isotope results
suggest that atmospheric oxygen (O2) plays a rather minor role in oxidation of H2S
because of low O2 concentrations at the elevated temperatures of the studied
hydrothermal settings. Conversely, metal-driven oxidation (mainly Fe and to some
extent Mn) appears to be more important. Under low pH conditions, these metals
are readily leached from the surrounding bedrock, thus are available to participate
in H2S oxidation. Additionally, alterations between wet and dry conditions within
these active hydrothermal systems are crucial to allow for reoxidation of hot spring
and mud pot sediments by atmospheric O2, which is necessary to continue
oxidation of H2S via metal-reduction pathway.
The observed wide variation of δ18O in the studied hydrothermal systems from
Iceland and United States suggest multiple oxygen isotope fractionations that may
be occurring during formation of SO42- because of elevated temperatures.
Particularly, the oxygen isotope exchange between SO42-, SO32-, and water is
potentially important, leading to significant changes of initial δ18O in aqueous SO42. However, the experimental results presented in Chapter Two indicate that this
exchange is incomplete for SO42- within a period of <210 days and appears to have
a minor effect on the δ18O of dissolve SO42- in the studied hydrothermal field sites.
The main reason may be that the SO42- is transported away within less than 210
days by the active hydrologic cycle, minimizing the effect of oxygen isotope
exchange under hydrothermal conditions. While oxygen isotope exchange
between SO32- and water is likely to be occurring in the studied field sites, this
process cannot be easily distinguished from isotopic fractionations associated with
O2- and metal-driven oxidation pathways of H2S to SO42-.
The experimental results of Chapter Three suggest that O2 is a slow and inefficient
oxidant for H2S leading to small concentrations of SO42- in the elevated
temperatures. Therefore, it is unlikely to be an effective oxidant in acidic
hydrothermal systems where only small amounts of O2 are present. While Fedriven oxidation did not form significant amounts of SO42- during laboratory
experiments, this process involved quick partial oxidation of H2S and led to
precipitation of insoluble sulfur intermediates which likely inhibit formation of SO42. It appears that Fe-driven oxidation of H2S to SO42- is a stepwise process under
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hydrothermal conditions that requires a constant supply of Fe3+ and/or surface
area to catalyze the oxidation reactions. Consequently, these results support the
main conclusions of Chapter One that alternating between wet and dry conditions
is crucial to reoxidize the hot spring and mud pot sediments by atmospheric O2 to
enhance Fe-driven oxidation of H2S.
In summary, the results of this study indicate that Fe-driven oxidation of H2S
accompanies O2-driven oxidation in acidic hydrothermal systems experiencing
dynamic changes of hydrological conditions. The results from the studied field sites
(Chapter One) show that particularly the alternation between the wet and dry cycle
is important process to oxidize hydrothermal H2S to SO42- in volcanic settings
depleted in O2 due to elevated temperatures. This cycling is crucial to reoxidize
metals such as Fe during the fumarolic dry cycle which then facilitate H2S oxidation
during the wet cycle. However, subsequent oxidation processes might be occurring
in the hydrothermal sediments because Fe-driven oxidation is accompanied by
precipitation of insoluble sulfur intermediates (Chapter Three). Although Mars
likely never had an O2-rich atmosphere as on Earth, photochemical processes are
possible alternative oxidants for metals such as Fe. On Mars, Fe is commonly
found in association with SO42--bearing minerals. While previous studies have
linked this relationship to diagenesis, the results of this study show that
concomitant Fe and SO42- may be to some extent a result of H2S oxidation to SO42via Fe-driven oxidation in the hydrothermal setting and/or low-temperature
oxidation of sulfide mineralization. Therefore, this process provides an invaluable
alternative explanation for the origin of sulfates in ancient Martian hydrothermal
systems.
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